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HOW TO USE THIS MODULE 


Proton Chemistry is designed for students who have acquired 
certain concepts and skills in the field of chemistry. Make 
sure you have completed the Self-Test of Assumed Concepts 
and Skills before you begin this module. 

It is important that you read all chapters and sections 
carefully. Much of the information is contained in the form of 
equations. Try to find ways that will help you to see how 
atoms shown in these equations are rearranged. You may 
want to use models made of Styrofoam balls and toothpicks. 

Each chapter starts with a list of objectives. They tell you 
what you must be able to do when you have finished the 
chapter. Remember the objectives as you work through the 
module. Some of these objectives are suggested for 
enrichment. 

You will find Mini-experiments, Exercises and Student 
Self-tests. Mini-experiments are designed to illustrate points 
in the text. They require only basic equipment and very little 
mathematics. You may do them on your own or as a class 
activity. The outcome of each experiment is discussed in the 
module. For longer and more complex experiments, the MAC 
series has a companion Laboratory Manual. 

Exercises are provided to give you practice and therefore, 
to develop certain skills. Usually the first part of an exercise 
is done for you as an example. Answers to these are at the 
back of the book. 

You can also check the back of the book for correct 
answers to the Student Self-tests. 

A Student Review Workbook accompanies the MAC series 
as well. In this you will find detailed solutions to the exercises 
in all of the modules. The review workbook also gives you 
more problems and exercises. 
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ASSUMED CONCEPTS AND SKILLS 


Before beginning this module, you should be able to: 


cle 


10. 
ain 


12; 


Wee 


14. 


ian 


1G 


le 


Write the names and formulas of simple binary 
compounds. 

Write the names and formulas of compounds containing 
nitrate, chlorate, carbonate, sulphate, ammonium, and 
hydroxide ions. 

Write the symbols for the common ionic forms of 
elements having atomic numbers 1, 3, 4, 8, 9, 11, 12, 13, 
16, 17, 19, 20, 35, 37, 38, 53, and 56. 

Explain the conductivity of solutions in terms of simple 
ionic theory. 

Write balanced chemical equations. 

Write balanced equations to show the dissociation of 
salts. 

Define mole. 

Solve problems involving the relationship between 
moles of solute, volume of a solution, and concentration 
of a solution (concentration expressed in mol |"'). 

Use a balanced equation to work out the number of 
moles of all reactants and products in a reaction. You 
are given the number of moles of one reactant. 

Explain and use the subscript symbols (s), (1), and (g). 
Recognize and use the terms “products favored” and 
“reactants favored” relating to equilibrium. 

Apply Le Chatelier’s Principle to predict how changes 
affect a system at equilibrium. 

Use laboratory data to calculate the equilibrium 
constant for systems of the form A = B + C. Given the 
equilibrium constant and the initial concentration of A, 
calculate the equilibrium concentrations of B and C. 
Express the quantities of mass, volume, amount of 
substance, and concentration in ST units (g, | or ml, mol, 
and imoldas),* 

Express numbers in scientific notation. For example, 

1.2 x 10° for 0.0012. 

Compute base 10 logarithms of numbers expressed in 
scientific notation. 

Compute base 10 antilogs of any number between 0 and 
14, 


* The litre (I) is often used in place of cubic decimetre (dm?). 
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18. Show the difference between ionic and covalent 
bonding. 

19. Draw electron dot (Lewis) diagrams and structural 
formulas of simple molecules. 

20. Use the electronegativities of bonded atoms to compare 
the polarities of various bonds. 


SELF-TEST OF ASSUMED 
CONCEPTS AND SKILLS 


This test will help you to find out if you have the skills needed 
to begin Proton Chemistry. Check your answers with those 
given at the back of the module. 


1. Balance the following equation: 
PO, + Ba(NO3)2. = Ba3(PO.4)2 + NOs” 
2. Write a balanced equation to show the dissociation of 
magnesium chloride in water. 
3. Complete these calculations: 
a) How many moles of chloride ions are present in 
50 ml of 0.1 mol I"? NaCl? 
b) What is the volume of a 0.15 mol I7' solution of KI 
containing 0.30 mol of KI? 
4. Substance Ay, breaks down to form an equilibrium 
mixture of A,,), By), and C,,). The equation is 


A(z) — Bie) te Ce) 
a) How do you recognize an equilibrium mixture? 
b) What things are “equal” in an equilibrium mixture? 


c) For the above process at 420°C, K = 5.0x 104 
mol I"*. Suppose 0.2 mol of gaseous A is placed in 
a 1.0 litre container at 420°C and is allowed to 
come to equilibrium. What are the equilibrium 
concentrations of A,,), By,), and C.,)? 

d) Are reactants or products favored at equilibrium in 
this system? 

e) If more B is added to this system at equilibrium, will 
the concentration of C,,) increase or decrease? 
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PROPERTIES AND 
CONCEPTS 


OBJECTIVES 


By the end of this chapter, you should be able to: 


As 


as 


rhs 
14. 


Write operational definitions of acids and bases by 
listing four properties of each. 

Write conceptual (Brénsted-Lowry) definitions of acids 
and bases. 

Write balanced equations to show: the reaction of acids 
with water to produce hydrated protons (hydronium 
ions); the dissociation of metal hydroxides in water; 
and the reaction of non-hydroxide bases with water to 
produce hydroxide ions. 

Explain the electrical conductivity of acidic and basic 
solutions. 

Explain how and why acids affect active metals such as 
magnesium and zinc. 

Explain why a proton in water forms a hydronium ion. 
Draw diagrams of a hydrated hydronium ion, H3O0* (a4), 
and a hydrated metal ion such as Na‘ (aq). 

Predict whether a compound will be an acid, a base, or 
neither. You are given the structural formula of the 
compound and the electronegativities of its atoms. 
Define amphoteric substance. 

Write the single equation that summarizes all neutraliza- 
tions in aqueous acid-base systems. 

Write a balanced equation to show the direct transfer 
of a proton from an aqueous acid to an aqueous base. 
You are given the formulas of the acid and base. 
Change complete chemical equations into net ionic 
equations. 

Identify the acid and base in an acid-base reaction. 
Select equations that represent acid-base reactions. 
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1.1 DEFINITIONS OF ACIDS AND BASES 


Acids and bases can produce both curiosity and fear in 
‘chemistry students. They can injure hands and make 
holes in clothes. Acids can affect many kinds of metals too. 
What is it about acids and bases that makes them behave in 
such a way? Do all of them cause damage? You can begin to 
answer these questions by examining the properties of some 
common acids in Mini-experiment 1. In Mini-experiment 2 you 
will investigate four bases. 


Mini-experiment 1. 


PROPERTIES OF ACIDS 


Equipment: 
4 small beakers containing about 20 ml of 
1.5-volt battery 1.0 mol I"! solutions of: 
2 carbon electrodes hydrochloric acid, HCl 
milliammeter sulfuric acid, H,SO,4 
3 connecting wires nitric acid, HNO; 
red and blue litmus papers ammonium chloride, NH4Cl 
dropping bottle of neutral (green) 4 small pieces of zinc 
bromthymol blue 4 small pieces of magnesium 


clean stirring rod ~ plastic sheet or spot plate 








de 


Procedure: bromthymol blue and the red 
and blue litmus papers. 
1. Look for signs of electrical 


conductivity in each solution .* 3. Add small pieces of magnesium 
and zinc to each beaker of 
2. Use the stirring rod to placea solution. (Your teacher may 
few drops of each solution on the suggest a way you Can identify 
plastic sheet or spot plate. Test one of the products of these 
= the solutions with neutral (green) reactions.) 


Operational definition of an acid 


Substances can be classified in two ways — what they are and 
ney behave. You Observed the behavior of acids in Mini- 
experiment t+ Now you can define an acid as follows: 


A substance is an acid if it conducts electricity in 
aqueous solution, turns blue litmus paper to red, 
turns neutral (green) bromthymol blue to yellow, 
and reacts with zinc and magnesium to produce . 
hydrogen. 


Some of these acid reactions are shown in Figure 1.1. 

You could name many other color changes, as well as 
expand your list of metals in the definition. A definition based 
on a list of properties is called an operational definition. 
Notice that ammonium chloride does not seem to fit the 
operational definition in every way. Yet, it does show some 
acidic properties. The reason for this is that the ammonium 
ion is a weak acid. You will look at weak acids in more detail 
later. 


* In this module the term conductivity is used loosely. This is because you will be 
concerned with only the approximate current in a solution. (The current is obtained 
when the solution forms part of a series circuit with a 1.5-volt dry cell and a variable 
range milliammeter.) However, to compare solutions, measure the current flow the 
same way each time. You can get good results by using about 20 ml of solution ina 
50 ml beaker. Make sure you keep the electrodes as far apart as possible. Milliam- 
meters are easily damaged, so let your teacher see your setup before the final 
connection is made to the battery. If meters are not available, conductivity 
experiments may be done by your teacher in class using lamps and a 110-volt supply 
of electricity. 
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Mini-experiment 2 


PROPERTIES OF BASES 
Equipment: 


1.5-volt battery 
2 carbon electrodes 
milliammeter 
3 connecting wires 
dropping bottles of colorless 
phenolphthalein and neutral (green) 
bromthymol blue 
red and blue litmus papers 


Procedure: 
1. Look for signs of electrical 


conductivity in each solution 
as in Mini-experiment 1. 


Operational definition of a base 


Figure 1.1. Acids conduct 
electricity in aqueous solution, 
turn blue litmus paper to red, and 
react with magnesium to produce 
hydrogen gas. 


stirring rod 


5 small beakers containing about 20 ml of 


0.1 mol I"! solutions of: 
sodium hydroxide, NaOH 
potassium hydroxide, KOH 
calcium hydroxide, Ca(OH). 
ammonia, NH3 
sodium carbonate, Na,CO3 

plastic sheet or spot plate 


_ Test a few drops of each solution 


with phenolphthalein, 
bromthymol blue, and litmus 
papers. Use the plastic sheet or 
spotplate as in Mini-experiment 1. 


Like some acids, some bases can injure hands and clothes. 
But bases can be carried around in metal containers without 
the danger of the bottoms falling out. 
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You can form the following operational definition of a base 
from Mini-experiment 2: 


A substance is a base if it conducts electricity in 
aqueous solution, turns red litmus paper to blue, 
turns colorless phenolphthalein to pink, and turns 
neutral (green) bromthymol blue to blue. 


1.2 HOUSEHOLD ACIDS AND BASES 


Many common substances are acids and bases. You will 
investigate some of these in Mini-experiment 3. 


Mini-experiment 3 


HOUSEHOLD ACIDS AND BASES 


Equipment: fea 

water sour cream 

neutral (green) bromthymol blue aspirin 

spatula milk of magnesia 
stirring rod lye or Drano 

plastic sheet or spot plate baking soda 

small slices of fruits and vegetables household ammonia 
vinegar garden lime 
Procedure: 

1. Place a drop of each liquid spatula. Add a drop of water to 
substance on the plastic sheet or each solid. Use CAUTION when 
spot plate using the stirring you do this. Avoid skin contact. 
fon. 3. Test each substance with neutral 

2. Place a tiny amount of each solid (green) bromthymol blue and 
on the plastic sheet using the classify it as acid or base. 


Mini-experiment 3 has shown that acids and bases are all 
around us. Aspirin is the common name of acetylsalicylic 
acid. Citric and ascorbic acids are found in fresh fruits. 
Vinegar is a dilute solution of acetic acid. Tannic acid is 
found in tea, and lactic acid is found in sour cream. Bases, 
on the other hand, are less likely to be found in foods. 
Instead, look for samples of them in a cleaning cupboard, 
medicine cabinet, and garden shed. 


20 


Figure 1.2 shows some common acids and bases. This is the 
way a chemist sees them in the laboratory. 

As you continue your study of acids and bases, remember 
that they are common substances. Even as you read this, the 
chemistry of your own body is being controlled by acid-base 
processes. 


Figure 1.2. Some household 
and laboratory acids and bases. 





1.3 PROTON TRANSFER 


The operational definitions show that HCI in water solution 
is an acid and NH; in water solution is a base. In Mini- 
experiment 4 you will react these compounds in the gaseous 
state to avoid possible problems caused by water molecules. 
This simple reaction will lead you to a more fundamental 
explanation of acid-base behavior. 


—— Mini- “experiment 4 


o REACTION BETWEEN GASES. 
| Equipment: 





care with the silver nitrate. It marks 
the skin and can cause serious eye 


2 


Squeeze the bag to remove all 
gases. 


4 damage. 

5. Examine the bag for any sign of a 
reaction product. Examine the 
product with a hand lens. 


6. Add about 20 ml of distilled 

2. Cover both bottles with the water to the bag. Now shake the 
single plastic bag for about a bag. 
minute to allow the fumes to 
mix. 


1. Place the bottles of HCI and NH; 
solutions side by side on a desk. 
Remove the stoppers. 


7. Carefully add a few drops of the 
silver nitrate solution to the 
3. Remove the bag and stopper liquid in the bag. 


the bottles. 


When NH3,,, and HCl,,, come together, they produce a 
white smoke. Under the hand lens the particles of the smoke 
look like crystals. See Figure 1.3. These particles dissolve 


Figure 1.3. Ammonium chloride 
crystals. 





easily in water. When silver nitrate is added, a white 
precipitate is formed. This shows that chloride ions are 
present and that ammonium chloride is an ionic solid, formed 
in the following reaction: 


NH3 ) ar BGI es) Se NH.Clie) (A) 


Using Styrofoam balls and toothpicks you can construct 
models of ammonia and hydrogen chloride. Models help you 
to see what is happening in a reaction. In this case it is the 
transfer of a hydrogen atom from HCl,,, to NH3,,.) as shown 
in Figure 1.4. The charges on the products indicate that the 
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nitrogen atom 


~#— hydrogen 
atoms chlorine atom 





transferred hydrogen is the charged ionic particle H*. Looking Figure 1.4. Amodelof the 
at the two halves of the reaction separately, it is clear that reaction between ammonia and 
HCl is the H* donor and NH; is the H* acceptor. hydrogen chloride. 


HCI > H* + Cl (donating H*) 
NH 3 + H* > NH,* (accepting H*) 


These two steps are shown in Figure 1.5 

Chemists refer to the hydrogen ion (H*) as a proton. Proton 
transfer is fundamental to acid-base chemistry. 

Ammonium chloride is a well-known laboratory pest. ENRICHMENT 
Ammonia, a master escaper, sneaks out around the tops of 
even tightly stoppered bottles. It combines with stray HCI 
to forma thick blanket of white ammonium chloride on 
cupboards and equipment. 

The procedure used in Mini-experiment 4 has an interesting 
side effect. When the two reagent bottles are covered by the 
plastic bag, flakes of ammonium chloride sometimes form on 
the surface of the HCI solution. This comes as a surprise 
because NH,ClI is very soluble in water. Actually, the acid 
solution already contains so much CI that it resists any 


process that would give it more. This is an example of the Figure 1.5. The transfer of a 


common ion effect. proton (H*) from HCl to NHs. 
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1.4 CONCEPTUAL DEFINITIONS 


If understanding of acid-base chemistry is to be based on the 
concept of proton transfer, new definitions of acids and bases 
are needed. Definitions based on concepts are called 
conceptual definitions. 


Conceptual definition of an acid: 
A substance that donates a proton to another 
substance in a chemical reaction is an acid in that 
reaction. 


Conceptual definition of a base: 
A substance that accepts a proton from another 
substance in a chemical reaction Is a base in that 
reaction. 


By these definitions HCl,,, is an acid and NH3,,,) is a base in 
the formation of NH4Cl,.). ‘ 


Exercise 1 


a) Identify the acids and the bases in the following 
equations: 

COs 0 — HCO; + OH: 
Whee HO = NH, + OH? 

b) A hydrogen chloride molecule dissolved in water gives 
up a proton to a water molecule. It forms an H3;O* ion 
and a chloride ion. Write the equation for this reaction 
and identify the acid and the base. 

c) Carbon dioxide gas is bubbled into water during the 
manufacture of soft drinks. It forms a dilute solution of 
carbonic acid, H»CO;. When this acid donates a proton 
to water, it leaves a hydrogen carbonate ion, HCO; . 
Write the equation for the acid-base reaction in soft 
drinks. 


1.5 PROTON TRANSFER 
IN WATER SOLUTIONS 


The following equations describe the behavior of some acids 
and bases in water. These are the same acids and bases used 
in Mini-experiments 1 and 2. What do these reactions have 
in common? 
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Acid solutions Base solutions 
1. hydrochloric acid 1. sodium hydroxide 
HCl HOR HO? 4 Cl: NaOH > Na* + OH 


acid base 
2. potassium hydroxide 


2. sulfuric acid KOH +> kK* + OH™ 
H2S0, + Hz0 =H;0* + HSOn 
acid base 3. calcium hydroxide 


Ca(OH), = Cat + 2ZOn 
3, Nitric’acid 


HNO, + H.O0 = H;30* + NO3 4. sodium carbonate 

acid base Na2CO; > 2Na* + CO;7" 
and then 

4. ammonium chloride CO + H,0-= HCO; 2 On: 

NH.Cl > NH,* + CI base acid 

and then 

NH,* + H.O0 =H;30* + NH; 5. ammonia 

acid base NH; + H.O = NH,* + OH™ 
base acid 


Notice that all acid solutions produce H;0% ions. All base 
solutions produce OH ions. Strictly speaking, compounds 
like sodium hydroxide and sodium carbonate are not bases 
according to the conceptual definition. This is because they 
do not accept protons. However, they do produce bases. 
OH- and CO?" ions are formed in solution, and these ions 
can accept protons. For example, 


OH> = HO” =O 
CcO;7> + H,0 = HCO; + OH" 


Of the five compounds used in Mini-experiment 2, only NH3 
exactly fits the definition of a base. 

The preceding list of equations can be used to explain what 
was found in Mini-experiments 1 and 2. They show the 
relationship between the operational and conceptual 
definitions of acids and bases. 


Explanation of electrical conductivity 


lons account for the electrical conductivity of solutions. The 
equations in section 1.5 show that ions are formed in all acid 
and base solutions. See Figure 1.6. 






_ solution 


Explanation of the effect on indicators 


Acidity affects the colors of compounds such as litmus and 
bromthymol blue. These compounds are called indicators. 
They will be discussed in detail in Chapter 4. 

Indicators are acids and bases that change color as they 
gain or lose protons. For example, bromthymol blue is a 
complex molecule that is yellow in acid solution and blue in 
basic solution. This molecule can be represented simply by 
the symbol HBB, and its equilibrium in water by 


HBB + H,O = H,;0* + BB 
acid base 
yellow blue 


The HBB molecule is yellow. The BB7 ion is blue. In acid 
solutions the H,0* concentration is high. Therefore, the 
equilibrium is pushed to the left and the solutions appear 
yellow. In base solutions the H;0* concentration is low. 
Therefore, the equilibrium lies to the right and the solutions 
appear blue. See Figure 1.7. 


acidic neutral 





blue) _ (yellow) (green) (blue) 


(yellow) (blue) (blue) 


2D 


solution 


Figure 1.6. Aqueous solutions 
of acids and bases conduct 
electricity because they contain 
ions. 


Figure 1.7. The indicator 
bromthymol blue is yellow in 
acidic solutions, blue in basic 
solutions, and green in neutral 
solutions. 


basic 
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Explanation of the effect of acids on metals 


The hydronium ion (H3;0*) becomes electrically neutral when 
it receives an electron: 


2heOn + 2e= 2H20 (2) ar Ha (2) (B) 


It breaks down to form water and hydrogen gas. The 
electrons for this process may be provided by active metals 
such as magnesium and zinc: 


Lian 20 ee 265 (C) 


Megs) = Mg”* + 2e 


The overall equation for the reaction between an acid and 
zinc is obtained by adding equations (B) and (C): 


2HEO" se ZN) = 2H20(, SF Hae) = Pinon 


This reaction is an electron (not a proton) transfer reaction. 
It is called an oxidation-reduction reaction or a redox 
reaction. See Figure 1.8. 





1.6 THEHYDRONIUM ION — 
A PROTON IN WATER 


Water molecules have an angular shape as shown in Figure 
1.9, They are electrically neutral overall. Yet they have a 
small negative charge at the center and small positive charges 
at the tips. See Figure 1.10. This is because the oxygen atom 


Figure 1.8. Some metals give 
up electrons to hydronium ions. 


Figure 1.9. The shape ofa 
water molecule. The dots 
represent unshared electrons 
on the oxygen atom. 


Re 
aeth 


Figure 1.10. Partial charges on 
a water molecule. The symbols 
6+ and6-represent small positive 
and negative charges on 
individual atoms. 
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has a higher electronegativity* than hydrogen. It attracts 
more than an equal share of the bonding electrons. Therefore, 
the oxygen atom becomes more negative than the hydrogen 
atoms. See Table 1.1. 


TABLE 1.1. ELECTRONEGATIVITIES OF THE FIRST 36 ELEMENTS. 


H 
2A 
cine 
OWS: 
Na | Mg 


K Cassese Ti V CMa tet Conese Cu) zn 
Os WO) | WS || AS |) eS ee) TEC | ese | ash |) SS) |) lee 


NOTE: Electronegativity increases from left to right within a period (row) and from bottom to top within a family 
(column). 





j H 
When a positive ion such as Na* is dropped into water, the ph 
H Os. a 

water molecules obey the laws of electrical attraction and Ae 
repulsion. They arrange themselves around the ion as shown 2 Na* OL 
in Figure 1.11. An ion surrounded by a cluster of water H a0) H 
molecules like this is said to be hydrated. Ho ‘ 

In the case of a proton in water, there is a more lasting form 
of hydration. This is because the H* ion is so small. It is about Figure 1.11. The hydration of 
thirty thousand times smaller in volume than the hydrogen a sodium ion. The water 


molecules are attracted by the 
positive charge on the sodium 
ion. Therefore, in aqueous 


atom, H. The positive charge on the proton is highly 
concentrated. Therefore, it is strongly attracted to the 


negative area of a single water molecule. This is how a new solutions, all ions carry a layer of 
ion, the hydronium ion (H30%), is formed. See Figure 1.12. water molecules. 
mn = Figure 1.12. The formation of 
UM H a hydronium ion. In H;O* all three 
Hoe -O O O-H bonds are the same length 
N ge and have the same strength. The 
H;. H H single positive charge is spread 


over the whole ion. Therefore, all 
three hydrogen atoms have small 
positive charges of equal value. 


* Electronegativity is a measure of an atom’s ability to attract shared electron pairs 
ina molecule. It is expressed on a scale ranging from 0 (for the noble gases) to 4 (for 
fluorine). See Table 1.1. Ina bond between two atoms, the one with the higher 
electronegativity attracts the electrons more strongly and so gains a small negative 
charge. 
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The size of the H3O* ion is much like that of other positive 
ions such as Na‘. It can also be hydrated in a similar way. 
Figure 1.13 shows a hydrated H3O* ion. The dotted lines 
represent longer, weaker bonds than the solid lines. When the 
proton, H*, is formed in water, it is strongly bound to a single 
water.molecule. This forms H3O0%. It is then more loosely 
bound to other water molecules. Sometimes the shortened 
form H*,,,) is used to represent the hydrated proton, which is 
really H3O*,.,). The symbol (aq) stands for aqueous and H H 
means the substance is in water solution. This notation ts coe 
often used to indicate a hydrated ion. When it is very clear 
that water solutions are being discussed, the (aq) notation 
may be left out. 


Exercise 2 # i 
aa Cua 
Write balanced equations to show the formation of a H H 
hydronium ion when each of the following substances reacts 


with water. The first one is done for you as an example. Figure 1.13. Ahydrated 


hydronium ion. The hydronium 


a) H2,CO3 ; ; ion can be hydrated just like any 
H2CO; + H.O = H,0* + HCO; other ion. The dotted lines 
b) HBr c) H3PO, d) HNO, e) HI represent the attractions 


between the negative areas of 

the water molecules and the 

Exercise 3 positive charges on the 
hydrogens of the H;O* ion. 

Write balanced equations to show that the following bases 

receive a proton from a hydronium ion. The first is done for 

you as an example. 

a) Vaile 

HS -— H;0* = H2S + H,0 
2) Gye 3 d) NO. e) OH" 


Exercise 4 


Write balanced equations to show the liberation of a 
hydroxide ion in each of the following aqueous bases. The 
first two are done for you as examples. 
a) Mg(OH), 

Meg(OH), > Mg** + 20H™ 
b) HS" 

HS.+ H,0 = 12s On, 
¢) Fe. d) LIOH, © eyINOi 5 et sKOU mean 


1.7 WHAT MAKES A COMPOUND 
AN ACID OR A BASE? 


Carefully study the following five formulas: 


Na-O-H (sodium hydroxide) H H 
BO tH 
Cl-O-H (hypochlorous acid) H H_ (ethanol) 
i 
O H Ae) 
e= eee ec ac 
t 8 | \ : 5 
© (sulfuric acid) H O-H_ (acetic acid) 


Whether the compound is acidic or basic in aqueous 
solution depends on where the molecule breaks when it is 
attacked by a water molecule. In sodium hydroxide the break 
comes between the sodium and the oxygen. Table 1.1 shows 
that a sodium atom is very positive when it is bonded to 
oxygen. See Figure 1.14. Sodium has a very low electro- 
negativity, oxygen a very high one. The difference in electron- 
pulling power is great. Even in solid NaOH the sodium exists 
as the ion, Na‘*, with a full positive charge. Attracted by this 
positive charge, a water molecule moves in and carries away 
the Na* as a hydrated ion. See Figure 1.15. The OH’ ion left 


He H_ 

oo Saale a shy Na*OH- — oy . 
6H H 
behind is a strong proton attractor. It accounts for the basic 
behavior of sodium hydroxide solutions. 

In hypochlorous acid, which can be written as CIOH, the 
break comes between the O and the H. Helped by the 
electronegative chlorine, the oxygen atom strongly attracts 
the electron pair in the O-H bond. The hydrogen atom takes 
ona small positive charge (see Figure 1.16) and is attracted 
away by a passing water molecule. See Figure 1.17. The 
H,O* ions that result give hypochlorous acid solutions their 
acid character. 

This also explains the strongly acidic behavior of H2SO.. 


+H H 


te me \ i 
Or: --:H—O—Cl —| (O-H| +OCl 
sH H 


-Na* +OH™ 


+ 
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Na* OH™ 


Figure 1.14. The bonding in 
sodium hydroxide. There isa 
covalent bond between the 
oxygen and the hydrogen in the 
OH" ion and an ionic bond 
between the Na* and OH ions. 


Figure 1.15. The formation of 
Na* and OH” from NaOH in water. 
Only one molecule of water is 
shown here. Actually, both ions 
will be surrounded by water 
molecules as they become 
hydrated. 


é— 


Cl—-O—H 


Figure 1.16. Partial charges in 
CIOH. 


Figure 1.17. The formation of 
H;O0* from CIOH in water. 
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The oxygen atoms in the OH groups, with the help of sulfur 
and the other oxygens, pull electrons away from the 
hydrogens. Water molecules attract away the H" ions. See 
Figure 1.18. 

In general, metals have a low electronegativity. If OH 
groups are bonded to a metal as in NaOH, the water solution 
of the compound is basic. This is because the break comes 
between the metal and oxygen when the water attacks. If the 
OH is bonded to a highly electronegative group of nonmetals 
as in H»SOu,, the solution is acidic. The breaks come between 


the oxygen and hydrogen atoms. 
6+ 6+ 5+ 


Wal aah Pe 
pS IH On ore aes Geet On 
0’ ‘o oO” ‘oO 

H 

‘o oOo -O0 Oo 
Ome nse +H,0* 
aro a 


In ethanol we have a compound that is neither acidic nor 
basic. See Figure 1.19. Electrons are shared almost equally 
in all bonds. There are no regions of strong charge. The water 
molecules are unable to “get a grip.” Acetic acid is closely 
related to ethanol, with only one major difference. There is 
one more oxygen atom that assists in pulling the electrons of 
the OH bond away from the hydrogen. See Figure 1.20. This 


H H 
| Y ~~ | we 
BRC N —— BI + H* 
4  O-H Oe 
extra pulling power is enough to make water solutions of 
EO) 


acetic acid weakly acidic. The -C . group is found in 
* O-H 
many organic compounds. It is called the carboxylic acid 
group. Some examples of common carboxylic acids are 
shown in Figure 1.21. 
Basic behavior is typical of —OH compounds of elements 
on the left side of the periodic table (metals). Acidic behavior 


is typical of —OH compounds on the right (nonmetals). The 


Figure 1.18. The ionization of 
H,SO, in water. Water molecules 
can pull away one proton, 
forming the HSO,° ion, or two 
protons forming the SO,” ion. 


im 
Sa trek 
H H 


Figure 1.19. The bonding in 
ethanol. The small charges on 
the atoms are not large enough 
to cause the molecule to ionize 
in water. It does not have 
strongly acidic or basic 
properties in water. 


Figure 1.20. The ionization of 
acetic acid. The only hydrogen 
atom that ionizes is the one 
attached to the oxygen. 


oe 


benzoic acid formic acid ae ey oO. pO: H 
H—C _ (found in ants) g acces C 
SS tartaric acid 
i O-H | i (used in baking) 4 
O Hac —C 
HPS be Neer H-0” “o 
wey Serer H 
Lo Coal H lactic acid 4 
oom Cw H Oo” (found in sour milk mh, Mee 
H No 7 -H ret yo and in tired muscles) Om O-H 
l H-C—C—C | 
{ae | \ oxalic acid H—O C—O 
H H H O—-H (the poison found in ‘c7 | ‘y 
rhubarb leaves) 0 z H 


behavior of compounds of elements from the middle of the 

table will be discussed in more detail in Chapter 4. Figure 1.21. Some common 
carboxylic acids. These 
compounds are acidic because 


Exercise 5 - of the hydrogen atoms in the 
O 

Which of the compounds listed below would you expect to c groups. The other 
be acids? bases? Explain your answers. O-H en 
a) HOBr b) RbOH c) Sr(OH), hydrogen atoms do not ionize. 
deo Oran x 

C e) H- C 

O O-H 


1.8 AMPHOTERIC SUBSTANCES 


Substances do not always behave the same way. Their 
behavior is determined by the company they keep. Those that 
can act both as acids and bases, depending on the conditions, 
are called amphoteric substances. 

In the company of acids, water acts as a proton acceptor: 


HCl ay HeOy, HO" Gay Cl ta 


In this role water is a base. 
In the company of bases, water acts as a proton donor: 


Elsie) to dlsO ay IN a ctagy ae OF gan) 


In this role water is an acid. 
Other examples of amphoteric substances will be given in 
Chapter 4. 
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4.9 PROTON TRANSFER IN NEUTRALIZATION 


Up to this point you have dealt with acids and bases 
separately. In Mini-experiment 5 you will bring acids and 
bases together. In doing so you will expand your operational 
definitions. 


Mini-experiment 4] 
ACIDS AND BASES TOGETHER 
Equipment: 


conductivity apparatus as used in 
Mini-experiment 1 
2 small test tubes 
3 small beakers 
magnesium 
neutral bromthymol blue 
0.1 mol |! solutions of aqueous: 
hydrochloric acid, HCI 
ammonia, NH; 
sodium hydroxide, NaOH 
potassium hydroxide, KOH 








Procedure: 

KOH solution. Do this while the 
reaction between the acid and 
magnesium is still going on. 


1. Inone test tube place about 10 
drops of 0.1 mol I"! HCI solution. 
Add a drop of neutral (green) 
bromthymol blue. Now add 3. In one beaker place about 20 ml 
about 20 drops of 0.1 mol I* of 0.1 mol I"* NaOH solution. In 
NH; solution. another beaker place an equal 

volume of 0.1 mol I-* NaOH 


2. In the other test tube place about solution. Check the conductivity 


10 drops of 0.1 mol I-* HCl 
solution. Add a small piece of 
clean magnesium. Now add 


about 10 drops of 0.1mol |" — a 








of both solutions. Pour about 


_ half of each solution into the 


third beaker. Check the 


conductivity of this mixture. 


In Mini-experiment 5 you saw three examples of a base 


canceling the properties of an acid. In the bromthymol blue 
test, NH; canceled the acidic behavior of HCI. The addition 


Be 


of KOH stopped the attack of HCl on magnesium. NaOH 
lowered the conductivity of HCI. At the same time HCI 
lowered the conductivity of the NaOH. 

The ability of bases to cancel the properties of acids can be 
included in the operational definition: 


A base is a substance that cancels the properties of 
acids. 


If the conceptual definition involving proton transfer is right, 
proton transfer must be the reason for this ability. 

The role of proton transfer is easy to show. If the ‘acid 
part’ of aqueous hydrochloric acid is H;0* and the ‘‘base 
part’ of NaOH is OH’, then 


Pas aa) - Ola es = 2H20 ) (D) 


Having given its proton to OH’, the H;0* becomes plain 
water once again. Having received the proton, the OH’ also 
becomes water. The base cancels the acid and the acid 
cancels the base. This process is called neutralization. 
Neutralization will be discussed in more detail in Chapter 6. 


1.10 WATER—THE MIDDLEMAN 


In acid-base chemistry water acts as a middleman. It can 
accept a proton from an acid, forming H3;0%*. It can also give 
up a proton to a base, forming OH. When the acidic and 
basic solutions are combined, the H3;O* donates a proton to 
the OH” and water is re-formed. 

In business deals the middleman is often left out. If the 
middleman in Mini-experiment 5 is left out, the 
neutralizations might then be expressed as follows: 


HCl tae) ap NH3 (aq) = CP jaa) ar IN Fla Gan) 
acid base 


HC aa) or OF Ga sal OLS: ai HO (1 
acid base 


Whether we use these (E) or the single equation (D) depends 
on the problem and the amount of information needed to 
solve it. Either way, both of these deal with the transfer of 
protons. 
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Exercise 6 


Write balanced equations for neutralization reactions 
involving the following acid-base pairs. Show the transfer of 
just one proton in each case. The first is done for you as 
an example. 
av FiBireHs: 

HBr + HS’ = Br + H2S 
Di) hls. CO. €) HNO;z, HCO;: Gy) HesOuer. 


1.11 SPECTATOR IONS 


In writing equations it is often harder to know what to leave 
out than what to put in. For example, equations (E) describe 
all three parts of Mini-experiment 5. However, there was 
no mention that potassium hydroxide was used in part two 
and sodium hydroxide was used in part three. The reason for 
leaving out Na* and K* is simple. These are acid-base 
reactions, and Na* and K* are neither acids nor bases. They do 
not contain hydrogen, so they cannot be acids. Their positive 
charges tend to repel protons, so they are probably not bases. 
They are like spectators. They are there, but they do not take 
part. Leave them out. 

For example, in the reaction between solutions of 
ammonium bromide and potassium hydrogen carbonate, 


NH,Br + KHCO; =H.CO; + KBr + NH3 


the proton transfer is from NH,* to HCO;°. The equation can 
be shortened to 
NH,4* + HCO; =H2CO; + NH3 (F) 


The Br and K* are spectators. When the reaction began they 
were in the mixture as ions. When the reaction ended, they 
were still in the mixture as ions. Equations like (F), in which 
the spectator ions are left out, are called net ionic equations. 
If the mixture is evaporated, a deposit of the white solid salt, 
potassium bromide (KBr), will remain. Although the ions 

Kt and Br are left out of the net ionic equation, they are still 
present in the mixture. 
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Exercise 7 


Here are some reactions in aqueous solution. Rewrite each as 
a net ionic equation. The first is done for you as an example. 
a) HCl + Na,CO3; = NaHCO; + NaCl 
Hel CO,* = HCO, + cl 
b) NaHSO; + NH,Cl = H2SO3 + NaCl + NH; 
6) KHS 4 HBr 25 - KBr 
d) NaNO, + KHCO3 = HNO, + NaKCO; 
e) HF + NA; =NH,* + F 
f) NaH,PO, + HCI = H3PO, + NaCl 


Exercise 8 


Identify the acids and bases in each of these forward and 
reverse reactions. The first is done for you as an example. 
a) Bee NH —=NHy + F 
acid base acid base 
b) HBr + Cl =Br + HCl 
e) €O, -- HNO>= NO, + HCO;, 
ay fHssO, 4 be =3Her + HSO, 
e) NH; + HO =NH,* + OH" 
Be BolOg+ HO — ClO, + H30* 


Exercise 9 


From the following list, select the acid-base reactions: 
ajebosOse HCO, = HSO; + H,CO,; 

b) BaCl, + Na,SO, = 2NaCl + BaSO, 

c) 2HCI + Zn = ZnCl, + H2 

GiekbicOs 7 tNaseO,w— Kk = 3Na° 4 SO,% - HPO. 
e) Cu + 2Ag* = 2Ag + Cu?* 

f) HNO, + NH; =NO, + NH.’ 

g) 2KI + Pb(NO3). = 2KNO;3 + PbI, 

Nets COs-- Kos = KHCO; + KHS 

i) 2C + 3H. = CoHe 

Dense PINHs == Nis + OH™ 

k) Cl, + 2NaI = 2NaCl + I, 

Il) NaClO, + HI= Nal + HCIO, 
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1.12 HISTORY OF ACID-BASE THEORIES 


In the late 1800s the Swedish chemist, Svante August 
Arrhenius, had a theory about solutions that were able to 
conduct electricity. He concluded that they must contain 
small charged particles. Arrhenius thought these particles, 
called ions, were formed when the solute dissolved in water. 
He could see that aqueous acids were good conductors. 
Other properties of acids such as their effects on metals and 
indicators led him to believe that all acids had a common ion. 
He identified this common ion as H*. He also concluded that 
all bases were hydroxide compounds containing OH’. 
However, this definition did not apply to bases such as NH3 
and CO,2-. It did not apply to reactions in solvents other than 
water. And it did not apply to reactions in the gas state as in 
Mini-experiment 4. 

In 1923 two chemists independently proposed the proton 
transfer theory you have studied in this chapter. They were 
the Danish chemist, J.N. Brénsted, and the English chemist, 
T.M. Lowry. The Brgnsted-Lowry theory classifies aqueous 
ammonia as a base. It classifies the formation of the ionic 
solid ammonium chloride from gaseous ammonia and 
hydrogen chloride as a Brg@nsted-Lowry acid-base reaction. 





STUDENT SELF-TEST: 
PROPERTIES AND CONCEPTS 


1. Write balanced equations to show: 
a) the donation of a proton from HBr to water 
b) the dissociation of Ca(OH), in water 
c) the reaction of (i) NH; and (ii) CO37" with water to 
produce hydroxide ions 
d) the reaction between HNO; and hydroxide ions 
e) the reaction of magnesium with hydrochloric acid 
2. Write the single equation that summarizes all 
neutralizations in aqueous acid-base systems. 
3. Write a balanced equation for the reaction between 
HCO; and H,S. Leave out the role played by water. 


10. 


ie 
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Write a set of balanced equations to show: 

a) the direct reaction between HNO, and F~ 

b) the donation of a proton from HNO, to water 

c) the transfer of a proton from hydronium ion to F- 

d) Show that (b) and (c) together represent the same 
overall reaction as (a) 

Identify the acid and the base in both the forward 

direction and the reverse direction of the process 

HCO. +) HSO; = HCO; +507" 

Draw a diagram of a hydrated hydronium ion. 

Study the following compounds. Which would you 

expect to behave as acids in water? Which would you 

expect to behave as bases? 

a) KOH b) HIO; c) H3AsO, d) Ba(OH), 

Draw diagrams of Ba(OH), and H,CO; showing which 

bonds break when each substance ionizes in water. 

Leave out the ions that take no part in the following 

acid-base reaction. Show the correct charges on the 

ions that remain. 

NH,Cl + KF = NH; + HF + KCl 

Select the one acid-base reaction among the following 

three reactions: : 

a) AgNO; + NaCl = AgCl + NaNO; 

Bb) KonPO, -— HCO; = KH3PO, + KHCO; 

c) Br, + 2KI= 2KBr+ 1, 

Are the following statements true or false? 

a) Vinegar is an acid and therefore turns blue litmus 
red. 

b) A solution of Drano is basic and therefore turns 
colorless phenolphthalein red. 

c) Acidic and basic aqueous solutions conduct 
electricity because they contain electrons. 

d) If anacid, HA, is to be useful as an acid-base 
indicator, the molecule HA should be the same color 
as the ion A’. 

e) Inwater protons form hydronium ions because 
protons have a small charge and a large size. 

f) It is possible for the same substance to behave as an 
acid and a base. 





THE WEAK AND 
THE STRONG 





OBJECTIVES 


i 
“By the end of this chapter, you should be ablesto: 

1. Define electrolyte. 

2. Write and use a seteof simple rules for classifying 
common salts, metal hydroxides, andeacids as strong or 
weak aes 

3. Describe an experimentaleway to distinguish between 
strong and weak electrolytes. 

4. Definesstrong acid, weak acid, strong base, and hear 
base. 

5.* Define the leveling effect. Explain why the strongest 
acid inewater solutions is the hydronium ion and the 
strongest baseeis the hydroxide ion. 

6. Write the formula of aneacid. You are given the formula 
of its conjugate bases 

7. Write the formula of a base. You are given the formula 
of its conjugate acid. 

8. Give the general relationship between the strength of 
an acid and the strength of its conjugate base. 

9. Identify the strongest acid, weakest acid, strongest base, 
and weakest base in a table of acid strengths similar to 
Table 2.2. 

10. Describe the trends in acid strength across a row or down 
a column of the periodic table. 
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Your experiments with acids and bases have shown that the 
water solutions of these substances are electrical conductors. 
Substances that form ions in water solution are called 
electrolytes. Some substances ionize completely. These are 
called strong electrolytes. Others ionize only slightly and are 
called weak electrolytes. The following will help you to 
classify substances as strong or weak electrolytes: 


Salts: All salts are strong electrolytes. For example, 
NaCl, NH4NO3, KBr, CaCl., and Na2COs are strong 
electrolytes. Some salts such as AgCl do not 
produce highly conducting solutions. This is 
because they have a very low solubility. However, 
the small amount that is in solution is completely 
dissociated into ions. 


Bases: All soluble metal hydroxides are strong 
electrolytes. For example, NaOH, KOH, and 
Meg(OH), are strong electrolytes. But bases such as 
NH, and the amines (as you will see later in this 
chapter) tend to be weak. 


Acids: Some acids are strong electrolytes, others 
are weak. Most acids fall somewhere between the 
two. 


In Mini-experiment 6 you will investigate strong and weak 
acids. One of the acids is distilled water. 


Mini-experiment 6 


CONDUCTIVITY OF ACID SOLUTIONS 


Equipment: Procedure: 
conductivity apparatus as used in Follow the same procedure as in 
Mini-experiment 1 Mini-experiment 1 to compare the 
3 beakers 


about 20 ml of 1.0 mol I" solutions of: conductivities of the three acids. 


acetic acid, CH;COOH 
hydrochloric acid, HCl 
distilled water, H2O 


2.2 STRENGTH OF ACIDS 


Solutions conduct electricity because they contain ions. The 
more ions they contain, the better they conduct. In Mini- 
experiment 6 the conductivity of the solutions depended on 
the completeness of the following ionizations: 


HCl > H* + Clo hydrochloric acid 
H : O HM oe. 
spneete = H-C-C + Ht 
| =e | \ 
O-H H Ox 
acetic acid 
H,0 = H* + OH™ distilled water 


The HCl solution was the best conductor because it 
contained the most ions. Acetic acid was a weaker electrolyte 
because it contained fewer ions. And water was such a weak 
electrolyte that no conductivity was found. However, more 
sensitive instruments can detect a very slight conductivity 
even in distilled water. See Figure 2.1. 





HCl ~ CH,COOH 


Every acid molecule is ionized. One molecule in 100 is ionized. 
There are 107? H;O? ions in There are 10?! H;O* ions in 
1 litre of O.1 mol F* HCI. 1 litre of O.1 mol F* CH;COOH. 


The equations show that when you compared the 
conductivity of these solutions, you compared tendencies to 
lose protons. From the definition of an acid, you might say 
that in this experiment you are comparing acid strengths. 
Hydrochloric acid is a strong acid, acetic acid is a weak acid, 
and water is an extremely weak acid. In general, we use these 
definitions: 

A weak acid is one that is only slightly ionized. 


A strong acid is one that is completely ionized. 
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H,O 
Two molecules in 10° are 
ionized. There are 10'”7 H;O* 
ions in 1 litre of pure water. 


Figure 2.1. The degree of 
ionization varies greatly in dilute 
solutions of acids of different 
strengths. The dots (@) represent 
un-ionized molecules, the plus 
(+) signs represent positive ions, 
and the minus (—}signs 
represent negative ions. 
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In all three cases in the experiment, the base that removed 
the protons from the acids was water. Since one of the acids 
was water, you had water removing a proton from water. 


H5O = HO >n.O" ee Ons 


What could cause one water molecule to remove a proton 
from another water molecule? Any discussion about electro- 
negativity or attraction for protons applies equally well to 
both water molecules competing for the proton. Actually, 
there is little tendency for the self-ionization of water, 
therefore, little ionization takes place. Less than one 
molecule in 500 million is ionized in pure water. 

Acetic acid is a weak acid. This means that only a small 
fraction of its protons is removed by the water. Usually the 
protons are recaptured by the acetate ions. The number 
of H3,0* ions at equilibrium is low, but higher than in pure 
water. 

Hydrochloric acid is a strong acid. Nearly all of the protons 
in an HCI solution are removed by water to form H3O* ions. 
The strongest possible acid in water is H30*. Any substance 
having protons that can be removed more easily loses them to 
H,O molecules (which are found in great numbers in water 
solutions) to form H;O%. This is called the leveling effect. It 
results in all stronger acids being leveled to the strength of 
en 

Some common acids are classified as strong or weak in 
Table 2.1. 


TABLE 2.1. CLASSIFYING SOME COMMON ACIDS AND BASES AS STRONG OR WEAK ELECTROLYTES 


Strong electrolytes 
Acids Bases 
hydrochloric sodium hydroxide 
sulfuric potassium hydroxide 


sual barium hydroxide 
perchloric 


Weak electrolytes 


acetic ammonia 
| O. 


carbonic hydroxylamine 


hydrocyanic 
hydrofluoric 


methylamine 
sulfurous 
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2.3 STRENGTH OF BASES 


A leveling effect also takes place in bases. The strongest base 
that can exist in water is OH”. This is because any stronger 
base will attract a proton from water to form a hydroxide 
ion. The amide ion, NH", is an example of sucha base: 


Nia at b2O = Ns 4 OH 


The most common sources of OH" are the hydroxides of 
the alkali and alkaline earth metals. Two of these are NaOH 
and Mg(OH),. They are examples of strong bases. The most 
common weak bases are ammonia, NH3, and related 
compounds called amines. An example of one is 


H 
hydroxylamine, hr Amines are bases because they 
have unshared pairs of electrons that can attract protons: 


H-O-N-H = -H-N-H 
H H 


However, weak bases cannot easily remove a proton from 
water. In the reaction of ammonia with water, for example, 
reactants are strongly favored: 


ids acl sO INE gestae CTI 


Some common bases are classified as strong or weak in 
Table 2.1. 


Exercise 10 


a) Which is the stronger acid, a0.5 mol I"! solution of HCI 
ora 1.0 mol I*' solution of acetic acid? 

b) Which would contain a higher concentration of 
hydroxide ions, a0.5 mol |"! solution of ammonia ora 
0.5 mol I"' solution of LiOH? 

c) Salts, weak acids, strong acids, weak bases, and strong 
bases are types of compounds. Which of these would 
you expect to be completely ionized in water? 


2.4 CONJUGATE ACIDS AND BASES 


The term conjugate as used in acid-base chemistry can be 
defined by example. The acid HA ionizes to form H* and A”. 
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The ion A~ can rejoin a proton and become HA again. HA and 
A- are a conjugate acid-base pair. Any two substances that 
differ only by a single proton are a conjugate acid-base pair. 
Some examples of conjugate pairs are as follows: 

HNO3, NO; ; ese ne HaPOz, HeP@, ; 


HSO,, SOu7=. NH.,’, NH; 


2.5 STRENGTHS OF CONJUGATE 
ACID-BASE PAIRS 


You know from Mini-experiment 6 that HCI can have its 
protons removed easily by water: 


HCI + HO > Cl’ + H30* 


From this you can conclude that the chloride ion is not a 
strong competitor for protons. In other words, if a forward 
reaction occurs easily, its reverse reaction does not occur 
easily. 


HCl + H,O > CI + H30* (occurs easily) 
Cl- + H3;0* > HCI + H,0 (does not occur easily) 


Again, from Mini-experiment 6 you know that acetic acid, 
CH;COOH, does not give up its proton easily. 


CH3;COOH + H,0 >CH3;COO- + H30* (does not occur easily) 


This shows that acetic acid is a weak acid. But the acetate 
ion, CH;COO-, is also a weak base. It does not easily remove 
protons from water. 


CH;COO- + H,0 > CH;COOH + OH” (does not occur easily) 


You can see by the first example that HCI is a strong acid, so 
Cl- must be a weak base. However, the second example shows 
that a weak acid will not necessarily have a strong base for its 
conjugate. In general, 


If an acid (or base) is strong, its conjugate base (or 
acid) is weak. 


In Chapter 5 you will calculate the strength of the conjugate 
of a weak acid or a weak base. 


Exercise 11 


Write the formulas of the conjugate bases of the following 
acids. The first two are done as examples. 

aoc ClO. = ob) Hker 
Cries, dy NH, 2) HO; 


f) H»S g) HS" h) HPO,2- 


Exercise 12 


Write the formulas of the conjugate acids of the following 
bases. The first two are done as examples. 
aHSOgHssOe — by SO,7> HS0, 


CetisemedinsOses ey PO: Th CN 3s) HEO> 


2.6 RANKING OF ACID 
AND BASE STRENGTHS 


The ranking of acids and their conjugate bases reveals their 
strong-weak, weak-strong relationships. As shown in Table 
2.2, HCIO, is a strong acid, while its conjugate base is very 
weak. On the other hand, ammonia is the weakest acid in the 
table, while its conjugate base is the strongest base. 


TABLE 2.2 © RELATIVE STRENGTHS OF SELECTED ACIDS IN WATER 


Acid Conjugate base 


Strong 


Weak 


as 
= 
O 
xe 
Lu 
ae 
= 
Y 
Q 
O 
<x 
O 
Zz 
a) 
<< 
Ww 
[e4 
O 
Lu 
a) 


NOTE: 








perchloric 
hydrochloric 
nitric 

sulfuric 
hydronium ion 


hydrogen sulfate 
hydrofluoric 
nitrous 

acetic 

carbonic 


ammonium ion 
hydrogen carbonate ion 
water 

ammonia 


HClO, 
me) 
HNO; 
FssOu 
H30* 


HSO,4 

tals 

HNO, 
CH3;COOH 
H2CO; 


NH,* 
HCO,” 
H,O 
NH; 


es poet OL 
lal Se Clie 


= Ht + NO; 
Bleeds Om 


H* + HO 
Resets 
H* + F 

H* + NO. 


Ht + CH.COO" 
= Ht HCO. 


H* + NH; 
ln ae GOR 
lal 4 (Ola 
lal se INN 


perchlorate ion 
chloride ion 

nitrate ion 

hydrogen sulfate ion 
water 


sulfate ion’ 

fluoride ion 

nitrite ion 

acetate ion 

hydrogen carbonate ion 
(or bicarbonate ion) 

ammonia 

carbonate ion 

hydroxide ion 

amide ion 


Acids above the horizontal line are classified as “strong.” Those below the line are “weak.” 


DECREASING BASE STRENGTH 
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Exercise 13 


Rank the following acids in decreasing order* of their ability 
to give up protons. Use the information in Table 2.2. 
ay HElO, bieNHe: cal COsecciatiNO, we) aNila” 


Exercise 14 


Rank the following bases in decreasing order of their ability 
to attract protons. Use the information in Table 2.2. 
ALCle OD WHCOs  )LOHe 6¢)eCOs a2) Niles 


2.7 ACID-BASE STRENGTHS 
AND MOLECULAR STRUCTURE 


Whether an acid is weak or strong depends on several factors. ENRICHMENT 
These factors can be seen when you list the trends in acid 

strengths among binary acids, HX,** and oxyacids, HOX.** 

See Figure 2.2. 


1. Reading across the periodic table, the acid strength of HX 
increases with increasing electronegativity of “’X.” For 
example, NH3 <H20 <HF. 


2. Reading down a column in the table the acid strength 
increases with increasing atomic size of ‘’X.” For example, 
HO} HS =H.Se =Hsle. and HP =HCl =Her =H Inthe 
oxyacids, trend (1) outweighs trend (2). For example, 

HOI =HOBr <HOCI. 


3. For a given element “X,’” the oxyacid strength increases 
with the number of oxygen atoms not bonded to hydrogen. 
For example, HCIO < HCIO, <HCIO;3 <HCIlO.g. 


* 


Decreasing order always means strongest (biggest, heaviest, loudest) first and 
weakest (smallest, lightest, quietest) last. 


** ”X’'’ is any given element. 
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Figure 2.2. The strengths of 
binary acids increase from left 

to right and from top to bottom 

in the periodic table. A K, value 
greater than one means the acid 
is strong. K, less than one means 
the acid is weak. (See Section 
rey lt 





The main factor in trend (1) is that different atoms have 
different abilities to pull electrons away from a hydrogen 
atom. When “’X” attracts electrons strongly, it is easier for a 
base to remove the proton. In trend (2) the larger ‘’X”” atoms 
have their negative charge spread over a larger volume. This 
makes the negative charge less able to hold on to the proton. 
In trend (3) the oxygen atoms increase the electronegativity 
of atom “X.’”” The oxygen atoms help to draw electrons away 
from the O-H bond. 


The same factors affect the strengths of bases, but in the 
opposite way. 


1. Reading across the periodic table, base strength decreases 
with increasing electronegativity. For example, 
Nise Oh SF 


2. For monatomic ions of similar charge, base strength 
decreases with increasing size. For example, H™ > O? > S?-. 


3. Base strength increases with increasing negative charge. 
For example, F- < O07” <N*. 
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Solvents cause a leveling effect. This is why we do not see 
any differences in strength among acids (and bases) we 
normally call “strong” in water. 

In solvents other than water, some substances change their 
acid-base behavior in surprising ways. For example, H2SO4 
acts as a base in fluorosulfuric acid, HSO3F: 


HSO,F + H.SO, = SO3F- + H3SO," 
acid base 


To observe such differences between strong acids, you would 
have to use a solvent that is an even stronger acid. 


Exercise 15 


a) Why is HF a weak acid? Why are HCI, HBr and HI strong 
acids? 

b) Which is the stronger acid, HBrO, or HBrO,? Explain. 

c) Why is the hydride ion, H”, a strong base? 


STUDENT SELF-TEST: 
THE WEAK AND THE STRONG 


1. Classify the following as weak or strong electrolytes: 
a) NaCl b) KOH ©) 120 da), CHeCOOn 
e) H.SO, f) NH; g) KI h) CaCl, 

2. Classify each of the compounds in Question 1 as strong 
acid, weak acid, strong base, weak base, or salt. 

3. Which of the compounds in Question 1 would be 
completely ionized in water? 

4. Write the formula of the strongest acid and of the 
strongest base that can exist in water. 

5. Write the formulas of the conjugate bases of the 
following acids: 
a) HCl 6) eSO, c\sHCO, edi hho. eee 

6. Write the formulas of the conjugate acids of the 
following bases: 
ayuBit sb)iNO.. #c)uPO, aad BGieere aioe 


10. 


ih 
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Using Table 2.2 list the following acids in decreasing 

order of strength: 

Aeon COOH mo) HNO, ¢) HCIOz dj) HCO; 

List the conjugate bases of the acids in Question 7 in 

decreasing order of strength. 

Classify the following statements as true or false: 

a) A strong electrolyte is more completely ionized than 
a weak electrolyte. 

b) In equally concentrated aqueous solutions, a weak 
electrolyte will have a lower electrical conductivity 
than a strong electrolyte. 

c) The stronger an acid, the stronger its conjugate base. 

d) Some salts are weak electrolytes. 

e) Equally concentrated aqueous solutions of HCl, 
HNO3, and H,SO, show the same acid strength as 
H ;O*. This is due to the leveling effect of the solvent. 

Explain why HF is a stronger acid than H,O, but a weaker 

acid than HCl. - 

Explain why HOCI is a stronger acid than HOBr, buta 

weaker acid than HCIO3 . 














GO OR NO GO: 
THE EXTENT 
OF REACTION 


OBJECTIVES 


By the end of this chapter, you should be able to: 


4). 


Predict whether reactants or products are favored at 
equilibrium in an acid-base reaction. You are given the 
balanced equation for the reaction and a table of 
relative acid strengths. 

Write an equation to show the ionization of water to 
produce H*. 

Write the expression for the ion product constant of 
water, K,,. 

Calculate the hydrogen ion concentration (H*) and the 
hydroxide ion concentration (OH) in any given solution 
of a strong acid or soluble metal hydroxide. 


Di 
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3.1 EQUILIBRIUM IN AN ACID-BASE 
REACTION 


Chemical reactions seldom go to completion. They tend to 
arrive at an equilibrium like that of the sheep shown in 
Figure 3.1. The forward reaction becomes balanced by the 
reverse process. An outside observer can see no further 
change. 

In acid-base systems the position of the equilibrium 
depends on the strengths of the competing acids. In an 
aqueous mixture of HF and NaNO;, HF molecules at first give 
up protons to the NO, ions: 


FF aye eNO: (oan eb aceasta (ee) (G) 





However, the HNO, molecules formed in (G) can then give 
up protons to F ions: 


FINO siege aco (agp Gl eager: IN aera (H) 
acid base 


Equations (G) and (H) are opposites. Both reactions are 
occurring in the solution, but one of them will at first be 


Figure 3.1. Sheep equilibrium. 
The sheep are obeying two 
natural tendencies, the tendency 
to spread out (maximum disorder) 
and the tendency to gather in the 
lower field (minimum potential 
energy). The situation will over 

a period of time come to 
equilibrium. 
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faster than the other/ The equilibrium solution will be mostly 
NO. and HF, or mostly HNO, and F-. To choose between 
these outcomes see Table 2.2. HF is listed as stronger than 
HNO,. Not much stronger, but a little stronger. It tends to 
give up protons more easily. The solution at equilibrium will 
contain more HNO, and F° than HF and NO,j.. This situation 
can be described by writing equation (G) with double arrows: 


PLP yeapete Ns tage Sh tag) te INO (aa) 


and saying products favored. 
Now consider the reaction between NaHCO; and KCIOg. 


Oeste ee Oana COs cay tAClO4 aa) 
acid base base acid 


The competing acids are HCO; and HCIO,. Table 2.2 shows 
that HCIO, is much stronger than HCO3°. Therefore, the 
reactants will be strongly favored at equilibrium. In other 
words, there will be very little reaction between HCO 3" and 
ere: 


Exercise 16 


For each of the following acid-base reactions, state whether 
reactants or products are favored at equilibrium. See 
Table 2.2. 


Paco HCO, = 50, -CO;> 

b) HCI + CH;cCOO-=CH3;COOH + CI 

c) NH.* + Cl- = HCI + NH; 

mer OOH CO. = CH,COO- +. HCos 
e) HC] + F=HF+ CI 

coe | OH = CO, + Hi0 


3.2 IONIZATION OF WATER 


Even the purest water shows some electrical conductivity. 
The process of ion formation is 


2H20 (1 = H30* (aq) a OW (ea) 
or simply 


H20 (1) — Lal ea + OP tea 
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Like all equilibrium systems, the water ionization obeys Le 
Chatelier’s Principle. 

According to Le Chatelier’s Principle, increasing [H*] 
should cause the system to move to the left. This uses up 
hydroxide ion. Therefore, as [H*] increases, [OH] decreases. 
Here we have an inverse relationship. Laboratory experiments 
have shown that this is the case. You can express this 


relationship as follows: 
TABLE 3.1 1ON PRODUCTS OF WATER 


[H*] [OH7] = aconstant (K,, )AT DIFFERENT TEMPERATURES 


The constant is called the ion product of water (K,,). The 





value of K, depends on temperature. See Table 3.1. Assume Temperature °C K,, mol? - 
that the laboratory temperature is always 25°C. In this case, nent be 
0.681 x 1052 

(Ha) (OH = Fx0 moll 101x102 


5AGx 106 = 
In pure water, 9.61% 10" 





[Ht] = [OH ) = 1x 107 moll 


3.3 [H*] AND[OH7]IN STRONG ACIDS 


In pure water [H*] equals [OH]. But what happens to a 

0.01 mol I-! solution of HCI? As a strong acid, HCl is 
completely ionized. The equilibrium concentration of H* will 
be 0.01 mol I-!. You can express this in scientific notation as 
1x 107 mol I-!. According to Le Chatelier, when acid is added 
to pure water, the system must try to get rid of some of the 
H*. It does this by favoring the reverse reaction in 


Oa Gate OF agp 


H* reacts with OH” forming HO. At equilibrium [OH7] is even lower 
than before. Mathematically, this can be expressed as follows: 


[H*] [OH] = kK, 
tx102 moll x (Os = 1x10s" molt 
oles LOs mole le 
sliexeOmtrmoliliss 
=x Oma olilng 


[OH] 





The pulleys in Figure 3.2 show how [H*] and [OH] depend on 
each other. As [H*] rises to 1x 107, [OH] falls to 1x 10° 

mol I-'. Remember that 0.01 mole of HCI weighs only 0.37 g. 
This amount of HCl added to about 1000 g of water drives the 
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[OH~] downward by a factor of 100 000! [H*] and [OH™] in 
aqueous solution are very sensitive to small changes in the 
amount of strong acid present. 


Figure 3.2. Hydrogen ion 
concentration, [H*], and 
hydroxide ion concentration, 
[OH], in pure water and in 
0.01 mol fF! HClat 25°C. When 
[H*] goes up, [OH] goes down. 





3.4 [H*] and [OH] IN STRONG BASES 


One of the most common strong bases used in the laboratory 
is the hydroxide ion. It is usually obtained as sodium 
hydroxide. A strong electrolyte, NaOH is completely 
dissociated in water. 


NaOliy = Na iaay 7 Ob iar) (I) 


When 0.001 mole of NaOH is added to enough water to make 
a litre of solution, 


0.001 mol I"! 
lexelOssimolltlise 


[OH] 


You can disregard the small amount of OH formed by the 
ionization of water. 

According to Le Chatelier, the [H*] in solution will be 
lowered. This can be expressed as follows: 


[H*] [OH7] = K, 
Delnexet Orono lee toc 10 * mole 
ee 10 mola? 
as 107 mold 
lx 104ml is 


Il 
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The pulleys in Figure 3.3 again show a great change in [H*] 
and [OH] when a small amount (0.04 g) of NaOH is added. 





Another very strong base is the amide ion, NH2-. If a 
solution starts with an amide ion concentration of 
0.001 mol I"!, it will have about the same [H*] and [OH"] as 
the NaOH solution described above. The NaOH solution 
provides the hydroxide ions directly. See Equation 1. The 
amide ions form hydroxide ions by taking protons from water 
molecules. 


NH5 Gay tt M20 = NHaje,) + OH (any J) 


Since the NH; produced in reaction (J) is also a base, still 


more water molecules will give up protons. The [OH] will be 
slightly higher and the [H*] slightly lower in an amide solution 
than in a NaOH solution of the same concentration. 


Exercise 17 


Calculate the [H*] and the [OH’] in each of the following 
solutions of strong electrolytes. The first is done for you as 
an example. 





Figure 3.3. Hydrogen ion 
concentration, [H*], and 
hydroxide ion concentration, 
[OH], in pure water and in 
0.001 mol F! NaOH at 25°C. 
When [OH ] goes up, [H*] goes 
down. 


alot moll= HClO; 





[He = 0-01moell* 
= {x10 mol |* 
K 
OH] = — 


ep loclOeamoloi 
TX 102 moll 
=a, 100°* mol |F* 


b) 0.001 mol I"? HBr 

e) 0.001 mol FY HC! 

dje0-s moll KOH 

e) 0.025 mol lt NaOH 

f) 0.05 mol It NaNH, (approximately) 


Exercise 18 


The scales shown in Figures 3.2 and 3.3 are logarithmic. Each 
division differs from the one below it by a factor of ten. You 
will get a better idea of the range of these scales by drawing 
them in linear form. You can do this by using a height of 

0.1 cm. for 1x 107'*. How long would your piece of paper 
have to be to extend the scale to 10°? 


STUDENT SELF-TEST: GOORNO GO: 
THE EXTENT OF REACTION 


1. Predict whether reactants or products are favored at 
equilibrium for each of the following systems. Use 
able22: 

a) HClO; +507 = ClO, + HS0O, 
b) H2CO; + Fo=HCO, + HF 
cmhis@a 4 HCO; = $0.7" + H3COs5 
d) NH,* + Cl =NH; + HCl 

2. Write an equation to show the ionization of water to 
produce H*. Write the expression for K,. 

3. Calculate the [H*] and [OH’] in each of the following 
solutions of strong electrolytes: 

a) 0.001 moll-* HCI b) 0.01 mol I" KOH 
c) 0.05 moll"* HNO; d) 0.25 mol I"? NaOH 
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pH AND INDICATORS 


By the end of this chapter, you should be able to: 


ay 


2. 
a 
4 


Define pH. 

Calculate pH from [H*]. Calculate [H*] from pH. 

Define indicator. 

Explain, in terms of indicator acid strength, why some 
indicators change color at a low pH and others at a high 
pH. 

Describe how a universal indicator is prepared. 

Explain its operation. 

Classify the oxides of elements as acidic, basic, or 
amphoteric in water solution. 


she) 
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4.1 THE pHSCALE 


The scale of [H*] ranging from 1 (or 1x 10°) mol I"* down to 
1x 1074 mol I7! is shown in Figures 3.2 and 3.3. This mol I"? 
scale can be replaced with a power of hydrogen or pH scale 
numbered from 0 to 14. See Figure 4.1. For example, if [H*] is 
1x 10-°, the pH is 9. If [H*] is 1x 10-3, the pH is 3. The neutral 
point is 7. This point is that of pure water at 25°C. Acids have 
pH values below 7; bases have pH values above 7. 


NEUTRAL 

ACIDIC BASIC. = 
pH COCO a ee 4 een BS a 
ee ee ee 
[H4] 10° 107% 107 10° 10% 10° 10° 107 10° 10° 107° 10° 10°? 10-3 1074 moll 


To find the pH values of acids and bases, use the formula 
: Figure 4.1. The pH scale. 
pH = -logio* [H*] ° : 


Example: What is the pH of a 0.0001 mol |" solution of HI? 
[H*] = 1x 10% mol 1 
pH = -logio[H*] 

= - logio (1x 10%) 
Aes) 

24 
Example: What is the pH of a0.01 mol I”? solution of 

NaOH? 


LOH: |) =i x 10° 2mol te 
etx 1042mold 
DH = - logio [H*] 
=(=12) 
= 12 


Example: What is the [H*] of a solution with a pH of 62 


- logio [H*] = 6 
(Ele a XO mol ls" 


Example: What is the [OH™] of a solution with a pH of 92 


-log [H*] = 9 
CH= 1x 1092 mol 
[OH-] = LxlOe miele 
x 1052 mollis 
= 1x 10> moll 





* 


For logarithms, see Appendix B. 


The pH of some common substances are shown in 
Table 4.1. 


Exercise 19 


Calculate the pH of the following solutions of strong 
electrolytes: 

a) 0.01 mol I"? HCl 
Cw molt ss: MBE 


b) 0.001 mol I"! NaOH 
d) 0.00001 mol |"' KOH 


Exercise 20 
Calculate the [H*] and [OH’] of solutions with pH values of: 


Buell atl Sie eye keh, 


4.2 FRACTIONAL pH 


Finding the pH, when [H‘*] is not a simple integral power of 
ten, requires more skill with logarithms. In general, 


logrosdb = lOgis at 10g D 


Example: What is the pH of a 0.0075 mol I"! solution of 
HNO;? 
ele —a75 10s MmOlnly 
PH = - logio [H*] 

= - l0g10 (7.5 x 10°) 

= -[logio7.5 + logio 1073] 

melas)” + (33) 

= 2.1 
Example: What is the pH of a 0.05 mol |”! solution of KOH? 


[Ors = 5 107 mol | 
wee 0s mol) ~ 
5x10" mol | 

== 2x10, mol |>* 
Dilesrlogmi Hl] 

= -logig [2x 10°] 

= -[logio 2 + logis (10°*)] 
e (Oo te (13) 
= 12.7 


* 


For logarithms, see Appendix B. 


TABLE 4.1 
SUBSTANCES 


vinegar 


3 
soft drinks 


4 
tomatoes 


pure 
water 7 
blood 


limewater 
13 


14 


pH OF SOME COMMON 
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strongly acidic 


gastric juices, 


human 


lemons 


apples 
dill pickles 


beer 


white bread 


milk 


urine 


sodium 
bicarbonate 


ammonia 


———— MOT aAcicic 


>utral 


eee O Le aS Ge ———— 


strongly basic 
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Example: What are the [H*] and [OH] ina solution with 


a pH of 3.2? 
-log [H*] = 3.2 
foetal e 2 
= (+0.8) + (-4) 
[H*] = antilog (+ 0.8) antilog (-4) 


= 6.3.x 108 molile 


Exercise 21 


Calculate the pH of the following solutions of strong 
electrolytes: 

a) 0.0004 mol I"? HCI _b) 0.009 mol "* HNO; 

c) 0.06 moll"? HCIO, d) 0.015 mol * NaOH 

e) 0.0004 mol I-' KOH 


Exercise 22 


Calculate the [H*] and [OH"] of solutions labeled as follows: 
aypH=4.2 b)pH=6.9 c)pH=14 dj)pH— 126 


4.3 INDICATORS 


An indicator is an acid or base that has a different color from 
that of its conjugate. These compounds usually have a 
complicated structure. One such compound, 
phenolphthalein, is shown in Figure 4.2. 


—H “O 


H—O O A JO 
CS =e at C Figure 4.2. The common colors 
De ee and structures of phenolphtha- 
C C lein. The hexagonal rings are 
\ No related to benzene, C,H,. The 


m O symbols C and H are left out of 
colorless (acidic) form red (basic) form these rings to keep them simple. 


Phenolphthalein is just one of many naturally occurring 
indicators. Some other natural indicators are shown in Figure 
4.3. Like other acids, phenolphthalein will give up protons 
when it finds itself in basic surroundings. If the surroundings 


2 
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are sufficiently basic, so much phenolphthalein will be in the 
red form that the solution will appear pink. The term 
“sufficiently basic surroundings” is the subject of Mini- 
experiment 7. 


Figure 4.3. Many natural 
substances act as indicators. 





Mini-experiment 7 
INDICATORS 


Equipment: 

dropping bottles of solutions adjusted to 
Diels ee Ol olS 

dropping bottles of indicators: 
alizarin yellow 
alizarin red 
phenolphthalein 
bromthymol blue 
bromcrescol green 
orange IV 

universal indicator paper 

clear plastic sheet 

eye dropper 


Procedure: 


1. Draw two copies of Table 4.2 - 
| —(25cmx 18cm). Overone copy _ 
/ | placeadty, clear plasticsheet. 
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2. In each circle in the first vertical mixing circle should now contain 
column, place a 3-drop puddle of two drops of each indicator. 
pH 1 solution. 7. Stir the indicators in the mixing 

3. In the second column, place circle with a clean eye dropper. | 
puddles of pH 3. Continue in this Transfer one drop of this mixture 
way until all circles, except the to each puddle in the second to 
mixing circle, are covered. the last row. 

4. To each puddle in the first 8. To each puddle in the last row, 
horizontal row, add a drop of add a small piece of universal 
alizarin yellow. In the circle indicator paper. 


marked ‘mixing circle,” place 
two drops of alizarin yellow. 
This circle is at the lower right 
corner of the page. 


9. Use colored pencils or crayons to 
make a record of the color 
changes. Use your second copy 
of Table 4.2 for this purpose. 

5. To the second horizontal row, 
add alizarin red. Place two drops 
of alizarin red with the alizarin 
yellow in the mixing circle. 


10. Soak up the puddles with a 
sponge or paper towel before 
removing the plastic sheet. 


6. Continue in this way. Use each of 
the indicators until all rows but 
the last two are covered. The 


TABLE 4.2. MINI-EXPERIMENT 7 














alizarin 
yellow 
alizarin 
red 


mixing 
circle 









universal 


indicator paper 
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4.4 USING INDICATORS 


Figure 4.4 shows the color change ranges of some common 
indicators. Notice that the color does not change suddenly. 
It changes over a range of about two pH units. Different 
people looking at the same sample may disagree by as much 
as a full pH unit either way. 

Indicators: 
alizarin yellow 
thymolphthalein 
phenolphthalein 
thymol blue 
cresol purple 
neutral red 
phenol red 
bromthymol blue 
chlorophenol red 
alizarin red 
methyl red 
bromcresol green 
methyl orange 
bromphenol blue 
methyl yellow 
(orange IV) 
thymol blue 











(ee) 
© 


1 2 3 4 5 6 ri 


pH Range acid ~—-— base 


VOR tet 2 
Figure 4.4. pHranges in which 
some common indicators change 


colors. 
With practice a chemist can estimate the pH of a solution 


by testing it with several indicators. However, you know now 
that a mixture of indicators will do the job much more 
quickly. This mixture is called.a universal indicator. All you 
need is a color chart to tell you the pH of each color. A 
mixture of indicators soaked into paper strips is the most 
common form of universalindicator. The mixture you used in 
Mini-experiment 7 is just one of many recipes. Your teacher 
may suggest that you try others. 

Many laboratories measure pH with a ‘speciameter. See 
Figure 4.5. 





Figure 4.5. ApH meter. 

4.5 pH OF COMBUSTION PRODUCTS This instrument has an electro- 
chemical cell connected to a 
millivoltmeter. The voltage of the 

Is there a pattern in the pH of combustion products? Mini- cell depends on the hydrogen ion 


experiment 8 explores this question. concentration. 
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Mini-experiment 8 
pH OF COMBUSTION PRODUCTS 


Equipment: 


small beakers 

burner 

asbestos mat 

neutral (green) bromthymol blue 


Procedure: 


1. Oxidation of carbon is always 
taking place in your body. As you 
breathe out you release CO). 

Use the straw to bubble your 
breath into a few millilitres of 
water. Check the acidity of the 
solution before and after with 
neutral (green) bromthymol 
blue. 


2. CAUTION: Be sure your work- 
room is well ventilated before 
you begin this part of the 
experiment. Place a tiny piece of 
sulfur on the end of the spatula. 
Burn it over about 10 ml of 
water inasmall beaker to geta 
solution of SO). Make sure the 
flame is completely out by 
dipping the spatula in water. 
Check the acidity of the solution 


From this experiment you can form the following 


generalizations: 


drinking straw 
sulfur 
calcium 
magnesium 
spatula 

tongs 


by adding a few drops of neutral 
(green) bromthymol blue. Scrape 
the spatula clean. 


. Burn asmall piece of calcium by 


holding it in the tongs in a hot 
bunsen flame. Calcium does not 
ignite easily. If you have 
problems, ask your teacher for 
some calcium oxide. Add the 
oxide to a small amount of water 
in a beaker. Check the acidity 

of the solution with neutral 
(green) bromthymol blue. 


. Burn a2 cm length of magnesium 


and catch the oxide on your 
asbestos mat. Place the oxide in 
water. Mix the solution 
thoroughly and check its acidity 
with neutral (green) bromthymol 
blue. 


Soluble oxides of nonmetals form acid solutions. 


Soluble oxides of metals form basic solutions. 


You saw earlier that the hydroxide of sodium, NaOH, was 
basic and the hydroxides of chlorine and sulphur, HOCI and 
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H,SOu,, were acidic. There is a general pattern to the acid- 
base behavior of hydroxides. This pattern includes oxides as 
well. It can be expressed as follows: 


Oxides and hydroxides of elements on the left side 
of the periodic table (the metals) function as bases 
in water. 33 


Oxides and hydroxides of elements on the right side 
of the periodic table (the nonmetals) function as 
acids in water. 4 


From these definitions you can see how properties are ENRICHMENT 
related to the position of elements in the periodic table. %7 
There is a gradual change as you move from the left of the 
periodic table (metals) to the right (nonmetals). In the middle ©: 
of the table the elements have oxides and hydroxides that can 
function as acids or as bases (depending on the circum- 
stances). See Tables 4.3 and 4.4. You learned earlier that such 
compounds are called amphoteric. 


TABLE 4.3. ACID-BASE BEHAVIOR OF SOME OXIDES AND. HYDROXIDES 


Amphoteric Acidic 


Na,O BeO HOC SO, 
NaOH Al.O; Al(OH)3 COp SO: 
MgO ZnO Zn(OH), EGLO, P20; 
Meg(OH), SnO- Sn(OH), 

CaO PbO 

Ca(OH), PbO, 





TABLE 4.4. SOME ELEMENTS FORMING AMPHOTERIC OXIDES AND HYDROXIDES 


B4 


ote ees) S| aie 





For example, ZnO and Zn(OH), are only slightly soluble in 
water. However, they dissolve easily in excess acid or in 
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excess base. When base is first added to a solution of Zn** 
ions, a white precipitate of Zn(OH), is formed: 


ZA ee.) of ZO Frases = Zn(OH)axs) 


But with excess sodium hydroxide solution, this precipitate 
dissolves: 


Zn(OH)a;s) 35 LOH eae) = ZnO» (aq) at PASEO) 
acid base zincate ion 


In this case Zn(OH), acts as an acid. In hydrochloric acid, zinc 
hydroxide and zinc oxide dissolve to produce zinc chloride: 


ZACOT ses sis Diliaes == Zn? (ag) =e 2HEO 
base acid 


Zinc hydroxide in this case acts as a base. 

Amphoteric behavior can be used as a basis for separating 
and identifying these elements when they occur in mixtures. 
For example, if ZnO were in a mixture with MgO, the ZnO 
could be separated by dissolving it in excess sodium 
hydroxide solution: 


ZnO «y+ HO = Zn(OH)s;; 
Zn(OH)ars; a ZO (ae == ZNO Gee) SF 2HeO 


Since MgO is a basic oxide and not amphoteric, it would not 
dissolve in the NaOH solution. 


Exercise 23 


a) Suggest a reason why the pH of a certain swimming pool 
is always too high. Could exhaust fumes from a nearby 
highway (mainly oxides of carbon, nitrogen, and sulfur) 
affect the water in the pool? Or could seepage from 
some lime (calcium oxide) stored on a nearby con- 
struction site affect the water? Which of these two 
would be more likely to explain the high pH? Why? 

b) The urine of animals can vary over a wide pH range. 
Sulfur in food proteins is oxidized in the body and 
secreted by the kidneys. Does this process tend to 
increase or decrease the pH of urine? Explain. 

c) Magnesia (magnesium oxide) is found in many tooth- 
pastes and in anti-acid milk of magnesia. What reaction 
occurs when magnesia enters the stomach? 
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d) Which of the following are amphoteric? 
Ca(OH)s; CO,; AgsO; PbO; MgO; Sn(OH),; P20; 

e) A solution is known to contain either Fe?* or Al**. The 
addition of NaOH to the solution produces a 
precipitate that does not dissolve when excess NaOH is 
added. Which ion is in the original solution? 


STUDENT SELF-TEST: pH AND INDICATORS 


1. Write a mathematical expression to define pH. 
Calculate the pH of a solution in which 
[H*] = 0.0001 mol I"?. 

3. Calculate the [H*] in a solution with a pH of 9. 

4. Calculate the pH of a solution in which 
[H*] = 0.008 mol I"?. 

5. Calculate the [H*] in a solution with a pH of 11.5. 

6. A certain indicator can be represented by the formula 
HB. Above pH 8, the indicator is blue. Below pH 8, the 
indicator is colorless. Write an equation to show the 
ionization of the indicator. Are the un-ionized HB 
molecules blue or colorless? 

7. Classify the following oxides as acidic or basic in 
aqueous solution: 
dilisidgo eb) P50; sc)INO, d) BaO 

8. Which of the following are amphoteric? 

a) Ca(OH), b)CO, c)Ag2xO d)PbO e)MgO 
f) Sn(OH)2 = g) P2Os 





‘ 
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EQUILIBRIUM IN WEAK 
ACIDS AND BASES 


OBJECTIVES 


By the end of this chapter, you should be able to: 


le 


Write the acid equilibrium constant expression for the 
transfer of a proton from an acid. 

Write a quantitative definition of a weak acid anda 
strong acid. 

Calculate the K, of a given acid. You are given the 
original concentration of the acid and its pH at 
equilibrium. 

Calculate the pH of an acid solution at equilibrium. You 
are given the K, of the acid and its original concentra- 
tion. 

Write the K, expression for an indicator and state its 
numerical value. You are given the simplified formula 

of the indicator and its endpoint pH. 

Define hydrolysis. 

Write a balanced equation to show the reaction between 
water and the salt of a strong acid and a weak base. 
Write a balanced equation to show the reaction between 
water and the salt of a strong base and a weak acid. 
Write the K, expression for a weak base and relate it to 
the K, for the conjugate acid. 
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Ta 


5.1 THE ACID IONIZATION CONSTANT 
Now that you can measure pH, you can find the extent of 
ionization in three different acids: hydrochloric acid, acetic 
acid, and the ammonium ion. 

Mini-experiment 9 


pH OF ACID SOLUTIONS 


Equipment: Procedure: 

dropping bottles of 0.1 mol I" solutions of: 1. Placea few drops of each = - 
hydrochloric acid solution on the plastic sheet. 
acetic acid 


ammonium chloride 
plastic sheet 
universal indicator paper 


2. Test each solution with universal s 
indicator paper. 


3. Estimate (he pH and UHI ¢ of each ch 
— solution. =e 





Mini-experiment 9 shows that the pH values of the three 
solutions are different. Yet the original concentrations were 
the same. Therefore, the difference must be in the extent of 
the following reactions: 





: [H*] [Cl] 
HCl = H* | ie ICI a 
+ Ds eG) 
Sie” ; Pe Keeler 
CH3COOH = Ht + CH;,COO K c,coon = [CH;COOH] 
and ee JECT 
NH,* = H* + NH; Kwng’ = [NH] 


The extent of any reaction is best expressed by its equilibrium 
constant. The equilibrium constant expressions are written 
to the right of the equations. 

Using the data from Mini-experiment 9, you should be able 
to work out the numerical value of each of the constants. 
Tables 5.1, 5.2, and 5.3 show the known data for each 


Ihe 


solution. (The given information is printed in brown. The 
calculated equilibrium concentrations are printed in the dark 
color. Steps in the reasoning are printed in a lighter color.) In 
the case of the acetic acid and the ammonium ion, the 
equilibrium concentration of the un-ionized acid is almost 
the same as the original concentration. lonization in these 
acids is slight. The numbers on the bottom line of each table 
are the ones used in the equilibrium constant expression: 


PSTICi 2 ealOe x 1x10" 





kK Tle : = avery large number 
Fay IGHsCOO- LO xa e103" 
K = PANG sCOO x10 x0e jetohre = 
ee (CH.COOHI 0.1 asa 
+ a -5 =) 
Kya, = Ras SaRGU ss Shans a aie 1310-* mol I> 
4 ; 


TABLE 5.1 EQUILIBRIUM IN 0.1 mol I" HCI 
Acl= H+ Cr 


Original concentrations 0.1 E 
(mol I**) i 


consumed or produced 
(mol 7) 
equilibrium concentrations 
(mol |?) 
TABLE 5.2 EQUILIBRIUM IN 0.1 mol I"! CH;COOH 


Original concentrations 0.1 : 
(mol |7') x 















H3;COO- 





consumed or produced 
(mol I7') 

equilibrium concentrations 

(mol 17") 






TABLE 5.3 EQUILIBRIUM IN 0.1 mol F! NH,* 


ERIE? 


original concentrations 0.1 Ee 
(mol 7’) 


consumed or produced a 
(mol I7*) 

equilibrium concentrations 
(mol I") 


Appendix A is a table of equilibrium constants that are given 
the special name of acid ionization constants and the symbol 
K,. This appendix is much like Table 2.2. Ranking acids in 












* hese numbers are only approximations. However, they still agree with the values 


in Appendix A. 
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order of K, is the same as ranking them in order of strength. 
In general, a strong acid has aK, much greater than 1. A weak 
acid has a K, much less than 1. 


Exercise 24 


Calculate the K, for each of the following acids. Rank the 
acids in decreasing order of strength. 

a) 0.01 mol I"! hydrocyanic acid, HCN; pH = 6 

Db) Onl moll hydrobremic acid, HBrapH —«1 

c) 0.1mol1' hypoiodous acid, HIO; pH = 7 


The base ionization constant 


You have seen that a base can remove a proton from water. In 
methylamine solutions, the following reaction occurs: 


CH3NH2 + H2O0 = CH3NH;* + OH™ 


methylamine 


For this process the equilibrium constant is given the name 
base ionization constant: 


or == ICHsNH3*] [OH] 
‘ [CH3NH)] 





Exercise 25 


a) Write the K, expression for ammonia. 

b) Write the K, expression for the conjugate acid of 
ammonia. 

cjshow that kK, = kK. 

d) Calculate the numerical value of K, for ammonia. See 
Appendix A. 


5.2 CALCULATION OF pH FROM K, 


For the acid H.S, Appendix A shows that 
Kar 3.9 X10 Sao ls 
How could you find the pH of a 0.01 mol I-! solution of 


ENRICHMENT 


H,S2 You could prepare the solution and measure the pH. 
But in this case you are dealing with a toxic substance that 
also smells like rotten eggs. Luckily, someone else has taken 
the measurements and worked out the K,. Table 5.4 shows the 
equilibrium concentration of H* as Xmol I"'. 

Using the numbers from the bottom line, you can write 


[H*] [HS] _ 


mops 
VIO = g.9x 10° 
ces) 


To simplify this equation, assume that X is very small 
compared to the original concentration of the un-ionized 
acid. Thus, you can estimate that (0.01-X) is equal to 0.01. 
Now 





Xe 

= 8.9x 10" 
0.01 : 
x2 = 8.9x 107 
210: 


Thus, |H*] = 3x 10° mol |“/and the pH is 4.5. You can see 
that 3 x 10-5 is very small compared to 0.1. Therefore, your 
assumption was correct. 


TABLE 5.4 EQUILIBRIUM IN 0.01 mol I* H2S 


Sp eneuy ae 


original concentrations 
(mol I**) 


i ae 
consumed or produced “ : Re 
(mol |7') 










equilibrium concentrations | 
(mol |7*) 


Exercise 26 


Calculate the pH of each of the following solutions. See 
Appendix A for the K, of each acid. 

a) 0.17 mol I"! hypochlorous acid, HCIO 

b) 0.15 mol I"! hydrofluoric acid, HF 

c) 0.04 mol I"? hypobromous acid, HBrO 


es) 
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5.3 INDICATOR STRENGTHS 


If indicators are acids, they must have acid equilibrium 
constants. Consider bromthymol blue. Its simplified formula 
is HBB. 
HBB = H* + BB” 
poe [H*] [BB] (K) 
° [HBB] 


Mini-experiment 7 showed that HBB in its acidic form is 
yellow. The conjugate base BB™ is blue. This color change 
takes place when the pH is about 7. The change-over point is 
called the endpoint of the indicator.* In the case of 
bromthymol blue, HBB and BB’ are present at the endpoint 
in equal concentrations. 


[H BB] endpoint a [BB ] endpoint 


This gives the solution an intermediate green color. You can 
simplify equation (K) to 


LENS eaporns [ B Bilenasecn 


os (HBB coms ~ TH Jendpoin 


You know that [H*] at the endpoint is about 1x 10°? mol I"?. 
Therefore, 
Ke = 1x107 moll 


The K, can be calculated for every indicator. The opposite is 
also true. If you are given the K, of an indicator, you can 
estimate the [H*] at which it will change color. The K, values 
for some common indicators are included in Appendix A. 


Exercise 27 


For the following refer to the K, values in Appendix A. 

a) Atwhat pH value would orange IV change color? What 
color would it be at high pH? at low pH? 

b) Acertain indicato. (a weak acid) changes color at about 
pH 11. What is its K, value? 

c) To prepare a solution with a pH of 9, a chemist slowly 
adds a basic solution to an acidic solution. Which 
indicator would be the best guide? What color would the 
solution be if one drop too much was added? 


* 


An endpoint of 7 is unusual. Look back to Figure 4.4. 
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5.4 THE pH OF SALT SOLUTIONS 


In Mini-experiments 1 and 2 in Chapter 1, you found that 
ammonium chloride reacted with water to give an acidic 
solution. You also found that sodium carbonate reacted with 
water to give a basic solution. Mini-experiment 10 will show 
that there are other salts that give acidic or basic solutions in 
Water. 


Mini-experiment 10 


pH OF SALT SOLUTIONS 


Equipment: Procedure: 

test tubes 5 1. Make dilute solutions of the 

small samples of: three salts in water. Add a very 
NaCl;s) small amount of each solid to 
NEENOS Gs) about 1ml of water 
NaHCOs,.) ; 


neutral (green) bromthymol blue indicator 
2. Adda few drops of neutral 


(green) bromthymol blue 
indicator. 


To account for the reactions in Mini-experiment 10, first 
consider the ions liberated by the dissociation of the salts: 


NaCl.) > Na* cag, + CI 


(aq) 


NH4NOs;5; > NHa* tag) + NOS (ae) 
NaHCOs,,) = Na® (aq) se HGOg kar 


The reasons for the acidic or basic behavior of these solutions 
become clear when you study the possible reactions of the 
different ions with water: 


Sodium ion,Na’*. This ion is neither a proton donor (no H*) 
nor a proton acceptor (because of its positive charge). There 
is no reaction with water other than hydration. 
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Chloride ion,CI-. This ion is the very weak conjugate base of 
the strong acid HCI. There is no reaction with water other 
than hydration. 


Ammonium ion,NH,’. This ion is a weak acid. See Appendix A. 


Nitrate ion, NO;-. This is the very weak conjugate base of the 
strong acid HNOs. There is no reaction with water other than 
hydration. 


Hydrogen Carbonate ion,HCO3;-. This ion can act as a very 
weak acid or a weak base. See Appendix A. 


This list of known facts about the different ions agrees with 
what you saw in Mini-experiment 10. The solution containing 
NH,* is acidic. The HCO; solution is basic. 


In general, a salt of a strong acid and a weak base 
will produce an acidic solution. 


For example, NH4NO; is the salt of the strong acid HNO; 
and the weak base NHs3. 


A salt of a weak acid and a strong base will produce 
a basic solution. 


For example, NaHCO; is the salt of the weak acid H.CO; 
and the strong base NaOH. 


Such an interaction with water to produce an acidic or 
basic solution is called hydrolysis. 
Exercise 28 
Some food companies add sodium acetate to potato chips. 
What reaction takes place when this salt undergoes 
hydrolysis? What flavor does this give the chips? 
Exercise 29 


Classify the following salts as acidic, basic, or neutral. Write 
equations for any hydrolysis reactions that take place when 


yh) 


the salts are dissolved in water. See Appendix A for acid 
strengths. 
a) KCl b) (NH4)2SO4 Cc) MegF, d) Ca(HCOs). e) ies Ok 


STUDENT SELF TEST: EQUILIBRIUM 
IN WEAK ACIDS AND BASES 


1. Write the equilibrium constant expression for the 
ionization of the following acids in water: 

a) HF b)H3;PO, (assume just one proton is lost) 

2. An indicator, HB, turns from red to orange at about 
pH 9. Write the equilibrium constant expression for this 
indicator. State its numerical value. - 

3. Calculate the pH of a 0.200 mol I”’ solution of benzoic 
ecidthke 10.0% 10 moll). 

4. A1.0molI-! solution of an acid shows a pH of 2. 
Calculate the K, of the acid. 

5. Classify the following salts as acidic, basic, or neutral: 
a)NHsNO; b)NaF c)calcium acetate d)K2SO, 
SMC Ouest hKClO, 
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NEUTRALIZATION 


By the end of this chapter, you should be able to: 


1, 


Draw a rough graph to show the trend in pH when a 
strong acid solution is neutralized by a strong base 
solution. 

Select the most suitable indicator for a titration. You are 
given a titration graph and a list of indicators and their 
endpoints. 

Calculate the concentration of a given strong acid. You 
are given the volume and concentration of a strong base 
needed to neutralize the acid. 

Calculate volumes and concentrations of reagents 
needed to deal with spills of strong acids and bases. 
Carry out a full-scale laboratory titration using pipette 
and burette. 

Find the concentration of a strong acid solution by 
titration. 

Calculate the [H*] and [OH’] at any stage of a strong 
acid-strong base titration, Plot a titration curve from the 
results. 

Use balanced equations to discuss the chemistry 
involved in: the soda-acid fire extinguisher, baking 
powder, the limewater test for COz, and the laboratory 
preparation of CO2. 
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6.1 NEUTRALIZATION 


As stated in the operational definition of bases, bases have 
the ability to take away the properties of acids. This process 
is called neutralization. In Chapter 1 you saw that aqueous 
solutions of acids contain hydronium ions, H;30*. Aqueous 
solutions of bases contain hydroxide ions, OH’. The 
neutralization process can be pictured as 


H;0* + OH = 2H20 


or simply H* + OH-=H,0 


6.2 TITRATION 


One way to measure the amount of acid in a solution is to 
find out how much base is required to neutralize it. This 
procedure is called titration. It is a method that needs careful 
technique and a clear understanding of the theory behind it. 
Mini-experiment 11 shows the trend in pH during a titration. 
It gives a basis for choosing the right indicator. Mini- 
experiment 12 gives you practice in recognizing the 
equivalence point. It is at this point that the number of moles 
of added base (OH ) is just enough to react with all the acid 
(H*) present. In a strong acid-strong base titration, the pH at 
the equivalence point is 7. 


Mini-experiment 11 


pH CHANGES DURING STRONG ACID-STRONG BASE TITRATIONS 


EOUIDIIGH 3. Add another 5 drops of base. 

dropping bottles of 0.1 mol |"! HCI and Stir, and again measure the pH. 
NaOH Continue to add NaOH, 5 drops 

50 ml beaker at atime. Stir, and note the pH 


universal indicator papers 


ma each time. Continue the 
stirring rod 


experiment until you have two 
Digeeanen consecutive readings of pH 11 
or higher. 

1. Squeeze 50 drops of HCl into the 


beaker. Measure the pH. 4. Draw atitration graph. Show the 


pH on the vertical axis and the 
2. Add 5 drops of NaOH. Stir, and number of drops of base onthe 
measure the pH again. horizontal axis. 
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Mini-experiment 11 shows an interesting pattern of pH 
readings. See Figure 6.1. 

The pH remains low and fairly constant until the system is 
close to the equivalence point.* Then there is a sharp jump 
before it levels off. The steepness of the jump is very 
important. Chemists often depend ona single indicator to 
show them the equivalence point with a sharp color change. 
The endpoint of an indicator is the pH at which it changes 
color. Ideally, you should arrive at the endpoint of the 
indicator and the equivalence point of the reaction at the 
same time. However, phenolphthalein, one of the most 
intense indicators, has an endpoint at about pH 9. Figure 6.1 
shows that this is not a serious problem. As the curve rises 
almost straight up between pH 4 and pH 10, an indicator that 
changes at pH 9 shows the equivalence point well enough. 
Chemists need to know the shapes of the titration curves 
of the different systems. They can then choose the proper 


Figure 6.1. Atypical strong 
acid-strong base neutralization 
curve. It shows the titration of 
50 drops of 0.1 mol F* HCI with 
0.1 mol Ff! NaOH. 


| phenolphthalein 
es color-changerange 


bromthymol blue 
color-change range 


methyl orange a 
| color-change range a 





* In Mini-experiment 11 you should have arrived at pH 7 after adding fifty drops of 
base. If you did not, there may have been some difference in drop size or concentra- 
tion of solution. In any case, the important thing is the shape of the curve, not its 
exact location on the paper. 
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indicator. Such an indicator would be one with an endpoint 
that lies on the steep middle part of the curve. As you saw in 
Chapter 4, most people cannot pinpoint the pH more closely 
than‘1pH unit. This is not important. Near the equivalence 
point, a single drop of acid or base can change the pH by as 
much as three or four pH units. 


Mini-experiment 12 
STRONG ACID-STRONG BASE TITRATION 


Equipment: 


dropping bottles of 0.1 mol I"! HCl and 
NaOH 

50 ml beaker 

stirring rod 

phenolphthalein 


Procedure: 


1. Measure 50 drops of HCl solution 
into the beaker. Add 3 drops of 
phenolphthalein. Next, add 
NaOH solution drop by drop. 

Stir the mixture as you do this. 
Stop at the first sign of a faint, 
but lasting pink color. A piece of 
white paper under the beaker 
will help you to see the color. 






: 2 a epeat this procedure several 
Mess | oe ae 





As your titration proceeded, patches of pink appeared 
around each drop of base. But they disappeared quickly as 
you continued to stir. As the base reacted with the acid, there 
were more and more pink patches. Then after one final drop 
of base, the entire solution became pink. This happened 
because there was no acid left to react with that last drop of 
base. Even this overall pinkness faded slowly if you continued 
to stir. This fading was caused by the carbon dioxide 
absorbed from the air. It formed carbonic acid that reacted 
with the last drop of base. A good rule in this titration is to 
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try for a faint pink color that lasts for about 30 seconds 
without stirring. 
A full-scale titration is in the Laboratory Manual. To do this 
experiment you will need to apply the principles shown in 
Mini-experiments 11 and 12. Technique is important as well. 
See Figure 6.2. 
Figure 6.2. Titration technique. 
Swirl the flask gently after each 
drop is added. 





6.3 INVESTIGATING THE SHAPE OF 
THE NEUTRALIZATION CURVE 


To find the reason for the sharp change in pH near the 
equivalence point you can calculate the pH at each step. 
Suppose you have one litre of 0.2 mol I" HCI and you add 
solid NaOH, 0.4 g at a time. Using the solid rather than a 
solution of NaOH keeps the volume constant and the 
calculation simple. The steps taken in the calculation are 
shown in Table 6.1. 


TABLE 6.1. SYSTEMATIC NEUTRALIZATION OF HCI WITH SOLID NaOH 













































Moles Total Moles Moles 

our lale moles of of of H [H H 
NaOH eas excess mol |" mol |7! P 
added 


(Ou 
i AD 
. neutral neutral 
oe “=e HER [avo [rw 20 | 
0.04-0.02 3 = 
Pes Oe 


NOTE: One litre of 0.02 mol I"! of HCI is neutralized with solid NaOH. The pH rises slowly at first, rapidly near the 
equivalence point, then slowly again. 
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As in our experimental neutralization, there is a slow rise 
in the pH at first. Then there is a rapid rise near the equival- 
ence point. This is followed by a slower rise again at the 
finish. 


6.4 THE WEAK WITH THE STRONG 


All acid-base titrations have one thing in common. They 
involve reactions that go to completion (or nearly so). Until 
now you have observed only strong acid-strong base systems. 
These systems do go to completion. But what of weak acid- 
strong base systems? A good example is the titration of acetic 
acid with sodium hydroxide as follows: 


CHsCOOH = Oh —CHGOOr f.0 


Although products are favored, this process is not 
complete. The acetate ion, acting as a base, gives the system 
a slight backward push. It tends to react with water to form 
CH3COOH and OH. Experiments show that extra OH™ ions 
are present. The pH at the equivalence point in this system is 
close to 9. See Figure 6.3. There is nothing wrong with the pH 


Figure 6.3. Atypical weak 
acid-strong base neutralization 
curve. It shows the titration of 
50 ml of 0.1 mol f* acetic acid 
with O.1 mol F* NaOH. The 
equivalence point is near pH 9. 
Phenolphthalein is the best 
indicator to use in this case. 


methyl orange 
color-change range 


equivalence point 
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being 9 at the equivalence point as long as the chemist is 
aware of it. He or she is then able to choose the proper 
indicator. Any reaction that is complete enough to be used 
for analytical purposes in this way is said to be quantitative. 


6.5 NEUTRALIZATION 
OF POLYPROTIC ACIDS 


You have worked with reactions that involve the transfer of 
just one proton. For example, 
HC] > Cl + H* 
CH;COOH = CH3;3COO™ + H* 
NH,* = NH; + H* 


Some acids, however, can donate more than one proton. 
They are called polyprotic. Consider the diprotic acid 
H,SO,. As a strong acid it donates one proton easily. 


H.SO, = HSO4 + Hj K, = very large 
Less easily, it donates a second. 
MSO. 50,7 - i” Seer 


Although the second K, is much smaller than the first, a 
strong base like OH is able to draw away the second proton. 
Thus, H2SO, can be quantitatively neutralized by NaOH. The 
following reaction goes almost to completion: 


H,SO, + 20H" = SO,7 + 2H2O 


Your titration experiment in the Laboratory Manual 
involves both monoprotic and diprotic acids. 


6.6 NEUTRALIZATION CALCULATIONS 


Many investigations in chemistry are based on neutraliza- 
tions. Examples include: 
1. Finding the concentrations of acid or base solutions. 


2. Working out the best way to deal with spills of dangerous 
reagents. 
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3. Finding clues to the structure of molecules. 


These examples will be explored in the following sections. 


Concentration of an acid 


Suppose a chemist finds a bottle marked HCI, but the 
concentration label is lost. See Figure 6.4. To find the 
concentration the chemist performs a titration with 

0.1 mol I-' NaOH. The outcome is that 20 ml (0.020 1) of the 
NaOH solution is just enough to neutralize 50 ml (0.050 1) 

of the acid. To find the concentration of the acid, the chemist 
makes a calculation based upon the mole method: 


1. NaOH + HCI = NaCl + H,O 


This equation shows that one mole of NaOH will 
neutralize one mole of HCl. 


2. Next, the number of moles of NaOH used has to be 
found. 


= [NaOH] X V waon 
0.1 mol I"! x 0.0201 
2x 10° mol 


NnaoH 


II 


3. This shows that the acid sample must have contained 
2x 10°? moles of HCl. 


4. Lastly, the concentration of HCI has to be found. 


2 x 107? mol 
0.050 | 
= 4x 10 mol |"? 
= 0.04 mol I 


[HCl] = 


Dealing with spills 


Suppose a 20 000 litre tank car filled with 20 mol I"! sulfuric 
acid spills its contents into a trackside pit. A chemist hired 
by the railway company recommends that tank cars of 

10 mol I"? NaOH be brought to the scene and used to 


neutralize the spill. The volume of the base solution required 
must be calculated: 


tp 2NaOH ote H,SO, = Na,SO, 4. Die O) 





Figure 6.4. Neutralization 
reactions may be used to find the 
concentrations of acids or bases. 
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This equation shows the diprotic nature of sulfuric acid. 
For every mole of acid, two moles of base will be 
needed. 


2. The number of moles of H2,SO, in the spill is 


Nx2soa = 2x 1041 x 2x 10 mol I"! 
— 4107 mol 


ll, Ki Fe | WOR 
, he \ 


1 io PER a 


3. The number of moles of NaOH needed is 


Nwaon = 4x 10°x 2 
= 68x 10° mol 


4. The volume of base solution needed is 


NaOH 


[NaOH] 
» 8 x 105 mol 
10 mol I" 


= ox 10" | 


The railway company would have to use four carloads of the 
base solution to neutralize the spill. See Figure 6.5. 

This is an interesting example of titration of a diprotic acid. NIN 
However, the chemist’s advice was not sound. To begin with, ae 
10 mol I-! sodium hydroxide (also known as caustic soda) 
can be just as dangerous as 20 mol I" sulfuric acid. If too 
much NaOH is used, a caustic soda spill will replace the acid 
spill. 

A further danger is the heat given off by the reaction 
between concentrated H,SO, and NaOH. Heat comes from Wet 
the actual neutralization reaction. But heat is also given off Na 
by the dilution of the H2SOs solution during the process. 
Imagine the scene as caustic soda spatters and splashes into 
hot, concentrated sulfuric acid! Danger: 

A better way to treat acid spills is to use sodium hydrogen 4 cars of 
carbonate, NaHCO, . It can be used directly in the solid form. 

H,SO, + 2NaHCO; = Na2SO4 + 2H20 + 2COz 
If too much is used, no harm is done because NaHCO; is only Figure 6.5. Is this the best er, 
slightly basic. The carbon dioxide gas that is produced serves to neutralize sulfuric acid? 
as an indicator. See Figure 6.6. The “fizzing” will stop when 
the acid has been neutralized. 

To treat a spill of strong base solution, use a weak acid 

such as vinegar. 


MU Sign 


\ 


Dy 
mM 
AN Ny 


nu iy “ 
a by 
Ny ) SS EH, 
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Inquiry into the structure of molecules 


Given a white powder, a chemist is able to find out that its 
formula is C)H2O,. He finds that the pH of its aqueous 
solution is less than 7. Titrating the powder with NaOH the 
chemist finds that one mole of the substance needs two 
moles of OH> for neutralization. This is an important piece 
of information. It tells the chemist that the molecule is able 
to donate both its protons. This fact may indicate that both 
hydrogen atoms are attached to the molecule in the same 
way. Using more advanced techniques, the chemist identifies 
the substance as oxalic acid, HOOCCOOH. See Figure 1.21. 

Another acid, C;H.O2, donates only one proton when 
neutralized with OH~. The chemist now believes that one of 
the six hydrogen atoms in the molecule is attached ina 
different way than the other five. Further work shows that the 
compound is benzoic acid, CjHs;COOH. 


Exercise 30 


a) A20.0ml sample of KOH solution is neutralized by 
40.0 ml of 0.0500 mol I* hydrobromic acid, HBr. What 
is the concentration of the KOH solution? 





Figure 6.6. When a sulfuric 
acid spill is neutralized with 
NaHCO,, carbon dioxide gas is 
produced. (This is what causes 
the fizzing.) If too much NaHCO; 
is used, no harm is done. 


Of 


b) What volume of 0.100 mol I"' HNO; is needed to 
neutralize 5.00 ml of 0.500 mol I’ NaOH? 

c) Achemist finds that 25.00 ml of a sulfurous acid solution 
is neutralized by 12.50 ml of 2.400 mol I"* NaOH. What 
is the concentration of the acid solution? 

d) What volume of 0.1 mol I" acetic acid should be used 
to treat a spill of 200 ml of 1.0 mol I"’ sodium hydroxide? 

e) A6.9g amount of CHO; is neutralized by 150 ml of 
1.0 mol I! sodium hydroxide solution. How many acidic 
hydrogen atoms are in the CHO, molecule? 


6.7 SOME CHEMISTRY OF CARBONATES 


uch of acid-base chemistry can be summed up ina study of 
carbonates. Carbonic acid as well as different/Carbonate and 
hydrogen carbonate salts are found in many substances. 
Some reactions of carbonates are explored in Mini- 
experiments 13/14, and oe 


Mini-experiment 13. 


THE SODA-ACID FIRE EXTINGUISHER REACTION 















Equipment: 


250 ml flask 

two-hole stopper 

short length of glass tubing drawn into 
a nozzle at one end 

small test tube (13 x 125 mm) 

baking soda, NaHCO; 

6 mol I"! sulfuric acid, H2SO4 

spatula 


Procedure: 


a2 


3. Gently lower the test tube into pressure. The liquid may contain 
the flask until it rests on the unreacted sulfuric acid. The 
bottom. nozzle is to be pointed into the 

) sink ONLY. 

4. Insert the nozzle into one hole of 
the stopper. Now insert the 6. Place your thumb over the open 
stopper tightly into the flask. hole of the stopper and invert 

the setup over the sink. If the 

5. CAUTION. The next step results discharge of liquid becomes too 
in the discharge of a liquid under violent, remove your thumb. 


This is an application of acid-base theory. Sulfuric acid 
donates a proton to the hydrogen carbonate/ion, forming 


carbonic acid: Ge 
HasOaes 2 MCOs G3 = SOs ance b2COs 
acid base 


FO 
The carbonic acid then dissociates into waterand carbon 
dioxide gas. 
HeCOs = H20 (1 == CO x2) 


In this experiment, the freed CO, pushes on the surface of/ 
the solution in the flask. This causes the solution to come out 
of the nozzle at high speed. Soda-acid extinguishers are only 
good for certain types of fires.* You can probably find one of 
these extinguishers in a glass case in your school hall. 

The dissociation of carbonic acid into water and CO, can 
also be seen when you remove the cap from a carbonated 
drink. See Figure 6.7. 
Figure 6.7. Bubbles of gasina 
carbonated drink come from the 
dissociation of carbonic acid. The 
same dissociation takes place 
when a Soda-acid fire extin- 
guisher is used. 








* Do not use a soda-acid extinguisher on electrical fires. This type of extinguisher 


should be used only on fires of materials like paper and wood, 


Reactions between acids and carbonates often occur in 
the laboratory. They also occur in nature and in the kitchen. 
Some of these reactions are explored in Mini-experiments 14 
and 15. 


Mini-experiment 14 


THE CHEMISTRY OF BAKING POWDER 


Equipment: 

2 test tubes (20 x 150 mm) 
test tube rack limewater 
rubber stopper with one hole baking powder 


glass tubing spatula 









Procedure: : 4. Insert the stopper in the test tube 
containing the baking powder. 
1. Setup the test tubes in a rack. Add the tubing to the stopper. 
) | ni Use it to carry the gas into the 
2. Place about 2mloffreshlime- limewater. Continue to bubble 
__ water in one test tube. Maan: the gas into the limewater until 





no further changes take place. 






r test tube, 


‘the othe 


Record all changes in the | 
imewater. ae 
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Baking powder is a mixture of sodium hydrogen carbonate 
and a solid acid such as potassium hydrogen tartrate, 
KHC,4H4O,. No matter how well these powders are mixed, 
they will not react with each other as long as they remain 
solids. But once water is added, the solids dissociate into ions 
and you can see a vigorous reaction. 


HCHO. ICO. = O LOe ee LC Ones 
acid base 


As in the fire extinguisher, the carbonic acid dissociates into 
water and carbon dioxide. This is what causes holes to appear 
in pancakes. Baking powder has come into general use as a 
simple substitute for yeast. Yeast produces CO, by the 
activity of living cells. 

Calcium hydrogen phosphate can also be used as the acid 
component of baking powder. 


HP Ose aay t HMCOs Gas POs ee) COs 
acid base 


The limewater test 


Limewater is an aqueous solution of calcium hydroxide 
Ca(OH). In Mini-experiment 14 the limewater first went 
milky, then clear. See Figure 6.8. These changes can be 
explained by a series of equilibria. In this explanation acid- 
base reactions are important. 





Figure 6.8. Limewater is clear. 
When carbon dioxide is bubbled 
into it, the limewater turns cloudy. 
It becomes clear again if more 
CO, is added. 
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To begin with, some of the carbon dioxide dissolves in the 
limewater. It reacts with the water to form carbonic acid: 


COn re HeO mw bela, 


As carbonic acid is a proton donor, it neutralizes the calcium 
hydroxide: 


Eee eC (Olle = 2,0 Gt CaCOsm, 


This equation looks similar to the neutralization of HCl 
with NaOH: 
HCl (ag) + NaOH = H20,.,, + NaCl 


In both cases the main process is 
Fl tag) + Ol iicea) = H20 (1) 


But in the limewater reaction, there is an important 
difference. CaCOs, unlike NaCl, is not very soluble in water. 
The milky appearance of the solution is caused by the fine 
precipitate of CaCOs. j 

If CO, continues to bubble into the solution, the CaCOs 
has ashort life. Surrounded by H2CO; molecules, some of the 
carbonate ions present will accept a proton: 


Carbonate ions tied up in CaCO; are also affected by this 
process. CaCO;,, like all ionic precipitates, is in equilibrium 
with its ions: 


CaCO3:s) = Ca** (ag) oe COn ea) 


Changing some of the CO,” to HCO; forces some CaCO; 
to dissolve to make up the loss. Ca(HCOs)2, unlike CaCOs, 
is quite soluble in water. The precipitate disappears. 

The limewater test is the standard test for carbon dioxide. 


Rocks and rainwater 


Limestone, marble, and chalk are different in hardness and 
appearance. However, they are all crystalline forms of the 
same compound, calcium carbonate. You have seen that 
CaCO, can be dissolved by an aqueous solution of CO, 
(which we have called carbonic acid) to form a solution of 
Ca(HCOs)2. Rainwater, as it falls, dissolves small amounts of 
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CO, and becomes carbonic acid. Rocks, cliffs, statues, tomb- 
stones, patios, and the Taj Mahal are all in the process of 
being washed away by the rain. This is due to acid-base 
chemistry. 

When limestone rock dissolves, the Ca(HCOs), solution 
often drips into caves. As this solution evaporates, carbonate 
is reformed: 


CafHCOs)saa = CaCO; tr HO, + CO, 


The H,O and CO, evaporate leaving deposits of CaCO; in 
the form of stalactites and stalagmites. See Figure 6.9. 


Figure 6.9. Stalactites form on 
the ceiling of a limestone cave. 
Stalagmites form on the floor of 
Such a Cave. 





Laboratory preparation of carbon dioxide 


There are many ways of producing CO, in the laboratory. 
You have already seen it produced by the sulfuric acid- 
bicarbonate ion reaction and the water-baking powder 
reaction. A very common method for producing CO, is by the 
action of a strong acid on calcium carbonate. 


O7 


Mini-experiment 15 
LABORATORY PREPARATION OF CARBON DIOXIDE 
Equipment: 


small test tube 
marble chip 
dilute HCl...) (6 mol I) 


Procedure: 


4. Place asmall marble chip in 
about 3 ml of 6 mol 17! HCl (ag). 


2. Write balanced equations to 

show: 

a) the transfer of two protons 
from HCI to the carbonate ion 

b) the dissociation of carbonic 
acid to form the gaseous 
product 

c) the overall reaction, including 
spectator ions 





6.8 BUFFERS 


In Mini-experiment 11 you found that the titration curve was 
very steep in the pH 4 to pH 10 range. Small amounts of base 
had a sharp effect on pH. During a titration, this sharpness 
in change of pH is useful. It means that any indicator with an 
endpoint lying in the range between 4 and 10 can be used. 
But when a solution is needed with a constant pH Ot5, 
problems arise. Something as slight as your breath can greatly 
alter the pH. 

In Mini-experiment 11 you used solutions labeled only by 
pH number. Some of those solutions were buffer systems. 


Buffer systems are solutions that tend to show little 
change in pH when acids or bases are added. They 
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are mixtures of a weak acid and a salt of its 
conjugate base.* 


Buffer systems resist changes in pH. To understand how they 
do this, go back to Le Chatelier and the factors that determine 
the extent of reaction. Consider the following reactions: 


acetic acid CH;COOH =H* + CH;COO K, = 1.8x 10° mol I* 


sodium acetate CH;COONa > Nat + CH;COO7 


The first of these reactions goes only part way to completion. 
The second, the dissociation of a strong electrolyte, goes all 
the way to completion. The solution is swarming with 
CH3;COO "(.,). Under these conditions, the ionization of 
CH3COOH is not likely to take place. Almost all of the H* 
ions are kept “locked up” in CH;COOH molecules. 

If asmall amount of acid is added to this buffer solution, 
the H* ions are neutralized by the CH;COO7 ions to form 
un-ionized acetic acid, CH;COOH. If a small amount of 
base is added to the buffer, it reacts with the few H* ions 
present. This causes the acetic acid equilibrium to produce 
more H* ions. In the end almost all of the base will be 
neutralized. This is how the buffer resists pH changes when 
acid or base is added to it. See Figure 6.10. 


6.9 BODY BUFFERS 


Small changes in the [H*] of human blood can cause serious 
illness. Because the human body and its chemistry is so 
complex, you might wonder how the pH of the blood is kept 
within limits. Its acidity stays steady throughout every type of 
activity (not done in extreme). The key to this puzzle is 
buffering. In the buffer example you saw that the base was 
the acetate ion and the acid was acetic acid. A like relation- 
ship exists between the base HCO; (hydrogen carbonate ion) 
and carbonic acid, H,COs;: 


HeCOscazy <ul cage ae A Oar, (O) 


As the cells of the body produce energy, they give off waste 
products, including carbon dioxide. Combined with water, 


* 


Or a weak base and a salt of its conjugate acid. For example, NH; and NH,Cl. 


If acid is added, the H* ions are 
neutralized by reacting with the 


CHE COOnions: 


f 
oO (© 
OOK 


CH,COO-— H* 


If base is added, it is neutralized 
by H* ions formed by the 
ionization of CH;COOH. 


ahs 


i. 


" 


CE 


CH,COOH~ ~OH- 


Figure 6.10. How anacetic 
acid, sodium acetate, buffer 
works. 
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CO, forms carbonic acid. According to equation (O), the 
H,CO; entering into the blood stream would cause a rise in 
[H*] and a drop in pH. Luckily, this effect is lessened because 
of the presence of excess hydrogen carbonate ion. Just as the 
acetate ion in the earlier example held back the ionization 
of acetic acid, so the hydrogen carbonate ion holds back the 
ionization of H»CO3. This goes on until the blood reaches the 
lung tissues where the CO, can be exhaled. The most 
important buffering bases in your body are carbonate Ion, 
hydrogen phosphate ion, and various proteins. Ordinary 
aspirin, an acid, is sometimes mixed with a buffer to avoid 
upsetting the digestive system. Some people treat 
“heartburn” with a spoonful of baking soda (sodium 
hydrogen carbonate). This treatment should work if the 
“heartburn” is being caused by gastric juices splashing up 
into the gullet. The hydrogen carbonate ion is a good 
neutralizer. But self-medication is a dangerous practice. If 
you add hydrogen carbonate ions to your system, you are 
tampering with a finely balanced equilibrium. Indeed, your 
health depends on so many interrelated equilibrium systems 
that self-medication may often lead to unpleasant results. 


ee 


STUDENT SELF-TEST: NEUTRALIZATION 


1. Prepare a graph to show the trend in pH when a strong 
acid solution is neutralized by a strong base solution. 
Label the horizontal axis “volume of base added.” 
Label the vertical axis “pH.” 

2. Achemist has four indicators on his shelf: 


K, = 1x 10% mol I-?; K, = 1x 10° mol I"; 
ke tO mols and Ky = 1% 107 mol I-!. Which 


would be the best indicator to show the equivalence 
point in a strong acid-strong base titration? Explain your 
answer by referring to your graph in Question 1. 

3 A total of 20 ml of 0.15 mol I"! HBr cag)’ is needed to 
neutralize 10 ml of a KOH solution. Use the mole 
method to calculate the concentration of the KOH 
solution. 

4. What volume of 5.0 moll! NaOH (aq) is needed to 
neutralize 60 ml of 2.0 mol I™* H2SO4 (aa) ? 
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Use balanced equations to describe: 

a) the operation of a soda-acid fire extinguisher 
b) the chemistry of baking powder 

c) the limewater test for CO, 

d) the laboratory preparation of CO, 


MODULE REVIEW SELF-TEST 


A 


Name the following substances and classify them as 

strong acids, weak acids, strong bases, weak bases, or 

salts. (For the salts, state whether they would form an 

acidic, neutral or basic solution in water.) 

ayKE. bYAHCIO; 6) GHsNHs. d)NHZBr ey sn@n 

f) CH;\COOH- g) Mg(NO2)2 Ah) HCN i) Na2CO3 

j) NaCl 

Write balanced equations to show: 

a) the transfer of a proton from hydrogen carbonate 
ion to phosphate ion 

b) the dissociation of barium hydroxide in water 

c) the reactions that occur when sulfuric acid reacts 
with hydroxide ion 

Rewrite the following as a net ionic equation: 

NaH 2PO4cag) + Na2zCO3(aq) F NazHPOacag) + NaHCO ag) 
Which areas of the periodic table contain elements 
that form acidic oxides? basic oxides? Give an example 
of each type of oxide and write equations showing their 
acid-base behavior. 

Which of the following reactions will be more complete 
at equilibrium? Explain. 
apHCOOH Ga CHiCOOWes — HCOOg,,, - CHzCOOH.., 
DJL Gaey Saag) cea TS cae 
Calculate the [H*], [OH™], and pH of the following two 
solutions: 
a) 0.005 mol l"** KOH _b) 0.1 mol I"! HCI 
What can you conclude about the acid strengths of 
indicators HB and HC from the following information? 
Explain. 

HB =H*+ B- changes at pH 3 

red blue 


101 


HC =H*t+C changes at pH 9 
yellow colorless 


8. When the body is active it obtains energy by changing 
glucose to lactic acid, which has the structure: 
H OH 
oo % 
H—C—C—C 
Fea A ‘ 
H H OH 

The buildup of lactic acid causes the sensation you 

know as muscle fatigue. The K, value for lactic acid is 

8 4x 10-4 mol I". From your study of this module, you 

should be able to answer the following questions about 

this important compound: 

a) Only one of the six hydrogen atoms in lactic acid is 
acidic. (For example, only one proton is formed for 
each molecule when the acid ionizes in water.) 
Which one is it? Why doesn’t the molecule ionize to 
form hydroxide ions and so act as a base? 

b) Write the equation for the ionization of lactic acid 
in water, including water in the equation. Label the 
conjugate acid-base pairs in this equilibrium. 

c) Write the equation for the reaction of lactic-acid 
with sodium hydroxide. 

d) Suppose 20.00 ml of a lactic acid solution needs 
25.00 ml of a 0.050 mol I"! solution of sodium 
hydroxide to reach the equivalence point. What is 
the concentration of the acid solution? 

e) Write the equation for the hydrolysis reaction that 
takes place when the salt, sodium lactate, is 
dissolved in water. Label the conjugate acid-base 
pairs in this reaction. Will the salt solution be acidic 
or basic? 

f) Based on your answer in (e),choose one of the 
following as the best indicator for the titration of a 
lactic acid solution with sodium hydroxide: 
orange IV, bromcresol green, or phenolphthalein. 
See Appendix A. What color change would you 
observe at the endpoint? 

9. Calculate the volume of 0.12 mol I"? Sr(OH)2;a,) needed 
to neutralize 150 ml of 0.20 mol I7' HNO3,(a,)- 
10. Give an example of an amphoteric oxide and write 
equations to show its acid-base behavior. 
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APPENDIX A 


RELATIVE STRENGTHS OF ACIDS IN 
AQUEOUS SOLUTION AT ROOM 


TEMPERATURE 


The K, values in this table were calculated from laboratory 
measurements. The correct order of the first six entries 
cannot be determined in aqueous solution as they are all 
completely ionized. However, measurements taken using 
other solvents, such as pure sulfuric acid, show that the 
order is correct. For clarity the [aq] notation has been left 








(or bicarbonate ion) 
Alizarin yellow 


AY == (blo Ae 


approx. 107"? 


out. 

ACID STRENGTH IONIZATION REACTION Ke 
Perchloric strong HCIO, = H* + ClOg very large 
Hydriodic HI=H*+1- very large 
Hydrobromic HBr = H* + Br very large 
Hyrochloric ACi=ita =. els very large 
Nitric HNO; = H* + NO;~ very large 
Sulfuric H,SO, = H* + HSO, very large 
Hydronium ion H3;0* = H* + H,O 9.1 
Oxalic HOOCCOOH = H* + HOOCCOO- 5.4x 107 
Sulfurous H,SO3 = H* + HSO;7 Oe 
Hydrogen sulfate ion HSO, = H* + SO," 12AxcI0% 

(or bisulfate ion) 
Orange IV HOR = H* + OR™ approx. 107 
Phosphoric H3PO, = H* + H,PO, Fx, LO 
Tartaric HOOC(CHOH),COOH = H*+ HOOC(CHOH),COO~ 1.0 x 10% 
Hydrofluoric HF = H* + F- 6.8 x 10% 
Nitrous HNO, = H* + NO, Balex 10m 
Formic HCOOH =H =— HCOO= se lee 
Benzoic = C,H;COOH = H* + C,H;COO- 6650 10% 
Hydrogen oxalate ion op HOOCCOO" = H* + -OOCCOO™ 5.4x 107 
Hydrogen tartrate ion = HOOC(CHOH)2, COO- = H* + “OOC(CHOH), COO™ 4.6x 1075 
Acetic ss CH3;COOH = H* + CH3;COO- deo ocnOr 
Bromcresol green s ele gl se 1xG> approx. 10° 
Alizarin red ay HAR = H* + AR™ approx. 10°¢ 
Carbonic 5 HCO; = H* + HCO; 4.3x 10° 
Bromthymol blue eo HBB = H* + BB- approx. 10°” 
Hydrogen sulfide HS = Ht + HS” eee a LORS 
Dihydrogen phosphate ion H,PO, = H* + HPO,?- 6:3 50107° 
Hydrogen sulfite ion HSO3; =H?* + SO;?- 6.2 x 10 
(or bisulfite ion) 
Hypochlorous HClO = H* + ClO™ 6.0 x 10°8 
Hypobromous HBrO = H* + BrO™ PSK AGO 
Phenolphthalein HPP = H* + PP- approx. 10°° 
Ammonium ion NH,* = H* + NH; SOixal Qian 
Hydrogen cyanide HCN = H* + CN™ 4.8x 10°'° 
Hydrogen carbonate ion WCOsa— ti COsas 4.8x 10"! 


Hydrogen peroxide 
Hypoiodous 

Hydrogen phosphate ion 
Hydrogen sulfide ion 
Ammonia 


very weak 


H20, = Ht + HO. 
HIO = Ht + 107 
HPO. = H* + PO. 
HS" = Ht + S* 
NH3 = Ht + NH 


Zio Xe 
ASX AOS 
4.4x 10% 
3 elOn 
very small 
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APPENDIX B 
TWO PLACE LOGARITHMS (BASE 10) 


SS ES 
NUMBER LOG NUMBER LOG NUMBER LOG NUMBER LOG 





7.8 89 
79 3810) 
8.0 90 
8.1 oa 
8.2 9H 
8.3 92 
8.4 192 
ie) 93 
8.6 293) 
ey, 94 
8.8 94 
8.9 93 
9.0 795 
oil .96 
Oe? 96 
S13) 1S 
9.4 a7, 
Oh) 98 
9.6 98 
SL a99 
9.8 a8)8) 
919 1.0 

10.0 1.0 


A REVIEW OF IMPORTANT TERMS 


Acid A substance that gives up a proton to a base ina 
chemical reaction. 

Amphoteric A substance that, depending on conditions, can 
act as an acid or a base. 

Aqueous solution A solution in water. 

Base A substance that accepts a proton ina chemical 


reaction. 
Buffer A solution that resists a change in pH. © 
Carboxylic acid An acid containing the —Co group. 


Commonioneffect The effect onan equilibrium when two 
substances containing the same ion are mixed. 

Conductivity The ability of a substance to conduct an 
electric current. (Some substances are good conductors of 
current in aqueous solution because both positive and 
negative ions are present.) 

Conjugate acid and base When the acid HA loses a proton, 
the basic ion A~ that forms is called its conjugate. HA and A7 
are a conjugate palr. 


104 


Diprotic acid An acid with two protons that can be given up 
in an acid-base reaction. 

Dissociation The breaking up of a molecule into smaller 
Darts. 

Electrolyte A substance that forms ions in aqueous solution. 
Such a solution conducts an electric current. Strong electro- 
lytes are completely ionized in dilute solution. Weak electro- 
lytes ionize only slightly. 

Electronegativity The ability of an atom to attract electrons 
inamolecule. The most electronegative element, fluorine, 
has a value of 4.0. 

Equilibrium constant (K) The ratio of the concentrations of 
products to reactants at equilibrium raised to the right 
powers. For example, 


aA + bB=cC + dD 


ae SOE 
[A]? [BF 


Endpoint The point at which an indicator changes color in 
an acid-base titration. 

Equivalence point The point at which the number of moles 
of acid (or base) added in a titration is exactly enough to 
react with all of the base (or acid) present. 

Hydratedion An ion holding water molecules by electro- 
static attraction. 

Hydrolysis An acid-base reaction in which water is one of 
the reactants. (The positive and negative ions produced by 
salts of weak acids and bases undergo hydrolysis to produce 
basic or acidic solutions). 

Hydroniumion The H30* ion formed when a proton is in 
aqueous solution. 

Indicator A substance that changes color when the pH is 
changed. Each indicator changes color within certain pH 
ranges. 

lon A molecule or atom with a net positive or negative 
charge. 

lonization The process of forming ions from neutral atoms 
or molecules. 
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lonization constant (K,) of an acid. For an acid, 


Gay te FO HO" =A” 


[H30*] [A‘] 
[HA] 





a 


(i ora base. Fora base, B= H,0.= HB" + OH” 


[HB*] [OH] 
[B] 





in 


lon product constant of water (Kw) The product of the 
concentration of hydrogen and hydroxide ions in water. It 
iio. mol leat25 °C. 

Le Chatelier’s Principle If stress is applied to a system in 
equilibrium, the system tries to change in order to lessen the 
effects of the stress. : 

Neutral solution A solution in which the concentrations of 
hydronium and hydroxide ions are equal. 

Neutralization The reaction between hydronium ions and 
hydroxide ions to form water. 

Non-electrolyte A substance that does not dissociate into 
ions when dissolved in water. 

pH scale Ascale of acidity from 0 (acidic) to 14 (basic) 
where pH = - log [H’]. 

Percent ionization The fraction of a substance ionized 
expressed as a percentage. 

Polyprotic acid An acid with more than one proton that can 
be given up in an acid-base reaction. 

Proton The hydrogen ion, H’. 

Quantitative reaction A reaction that goes to completion 
(or nearly to completion) and can be used to find out the 
amount of material present. 

Salts Strong electrolytes that are formed when the positive 
ions (metal ions) of a base join with the negative ions from an 
acid. 

Titration Finding the amount of a substance in solution by 
measuring the volume of another solution (of known 
concentration) needed to react quantitatively with the 
substance being tested. 

Titration curve A plot of the volume of acid or base used in 
a titration against the pH change. 
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ANSWERS TO ASSUMED CONCEPTS AND SKILLS 


SELF-TEST OF ASSUMED CONCEPTS AND SKILLS 
1. 2PO.2> + 3Ba(NO3)2 = Bas(PO.)2 + 6NO3” 


2. MgCl, > Mg** + 2CI- 


2 aj 5x 10° mel b) 2.02 


4. a) Its properties do not change with time. For example, the concentration of the reactants and products 


remain the same. 


b) Rates of forward and reverse reactions are equal. 
Cl Aw = 0.2 moll Be, = Ca — 1x 0-molle 
d) Reactants are favored because K is less than 1. 


e) C.,) will decrease. 


ANSWERS TO EXERCISES 
EXERCISE 
a) €O,% -+— HELO = FCO; + Oi 

base acid 


NH, + H,0 = NH,* + OH™ 
base acid 


b) HCI + H,0 = H,;0* + CI- 
acid base 


G) Ecos ote iG) = HE@e aE HCO; 


EXERCISE 2 

b) HBr + H,0 = H;,0% + Br 

c) H3PO, + H.0 = H3;0* + HPO, 
d) HNO, + H.O = H3;0* + NO. 
e) HI + H,0 = H;0* +17 


EXERCISE 3 

Bb) FE + Hz0* = HE + HzO 

c) NH; + H3;0* = NH,* + H20 
d) NO. + H3;0* = HNO, + H20 
e) OH” + H;0* = H,0 + H20 


EXERCISE 4 

c) F- + H,O = HF + OH" 

d) LiOH > Lit + OH" 

e) NO, + H,O = HNO; + OH™ 
f) KOH >K* + OH" 

g) NH; + HO = NH,* + OH- 


EXERCISE 5 
a) acid b) base c) base d) acid e) acid 


EXERCISE 6 

b) H2S + CO37 > HCO; + HS” 

c) HNO. + HCOs > H2CO3 + NO. 
d) H2SO3 a Ea Ge HF a5 WSO zs 


EXERGISE 

b) HSO3;- + NH,4* = H2SO3 + NHs 
c) HS" + HBr=H,S + Br 

d) NO. + HCO; =HNO, + CO3”” 
e) HF + NH3 = NH,* + F 

f) H,PO4. + HCl = H3PO,4 + Clr 


EXERCISE 8 
b) HBr + Cl =Br + HCl 
acid base base acid 
c) CO;*7 + HNO,=NO. + HCO;3° 


base acid base acid 
d) H.SO, + F = HF + HSO, 
acid base acid base 


e) NH3 + H,0 = NH,* + Os 
base acid acid base 

f) HClO, + H.0 = ClO, + H30* 
acid base base acid 


EXERCISE 9 
a,d,f,h,j, |. 


EXERCISE 10 

a) HCl solution 

b) 0.5 mol £** LiOH 

c) salts, strong acids, strong bases 


EXERCISE 11 

©). HCO; «d) NH ey HO; fos: 2s) oe POA 
EXERCISE 12 

c) los d) HSO;° e) EuR@ace f) HCN g) Ecos 
EXERCISE 13 

HClO; HNO:, He€Os, NH,’, NH; (ora, d, c,6,b) 
EXERCISE 14 

NiO: CO, HCO; Cl (ore, c,d, b, a) 
EXERGISE Ip 

a) See Section 2.7. 

b) HBrO, 


c) See Section 2.7. 


EXERCISE 16 
a) reactants 
e) products 


b) products d) products 


f) products 


c) reactants 


EXERCISE 17 

b) 1x 10-3 mol £71; 1x 107! mol £7 

eix 10° mall 1x10"" molee S 
dy 2x 10 mol (* 5-x 10* mol £7 

e) 4x 107 mol £-; 2.5 x 107 mot” 

2x 10 mol 2775x107 molt? 


EXERGISE 18 
The paper would need to be 10° km long. 
(The distance from the earth to the sun is about 


1.5:x 10% km). 


EXERGISE 19 
a) pH = 2) 6b) pH = 11 c) pH =0 d) pH =9 
EXERCISE 20 
apie 10 moll ;-1x 10°" mol £7! 
by 1x 10% mol 2-*> 1x 10 mol 27 
c) 1x 107 mol £7; 1x 10°? mol £7" 
dirixt0 mel (1x10 mol. 
EXERCISE 21 
a) pH = 3.40 b) pH=2.05 c) pH = 1.22 
dip = 12.17 ¢) pit = 10.60 
EXERCISE 22 
[H*] (OH"] 


a) G.2% 10° moles 1.6x%,107° mol. f7 
6) 1.3107 mol £-147:7 310° mol, f7 
e} 4.0% 10 *mol £%.2:.5x 10 mol £7 
d) 2.5x 10°'? mol £-!; 4.0 x 10 mol £7 


EXERCISE 23 
a) CaO seepage would make the pH high 
(CaO + H.O >Ca(OH)2 > Ca* + 20H’). 
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Oxides of C, N and S (nonmetals) would tend to 
make the pool acidic (pH too low). 

b) Oxides of sulfur form acidic solutions. Therefore, 
this process tends to decrease the pH. 

c) MgO + 2H;0* > Mg** + 3H20. The hydronium 
ion is due to the HCI in gastric juices. 

d) Ag.O, PbO, Sn(OH), 

e) Fe?* 


EXERCISE 24 
ae sexe On cumOletar 
@) kK, = kolo mic 


b) K. very large 





EXERCISE 25 
ake [NH,*] [OH7] 
[NH3] 
= [NH3] [H30"} 
SS Ts [NH] 
— [NH] [H30*] [NH4*] [OH7] 
ge TRING iN 
=O | lOHi = ke 
dy kK, =. 17x 10> moll 
EXERCISE 26 
a) pH =4 b) pH = 2 c) pH —s 


EXERCISE 27 

a) pH = 2; yellow at high pH; red at low pH 
b) K, = 1x 10° mol £°* 

c) phenolphthalein; pink 


EXERCISE 28 

CH;COO- + H.O = CH3;COOH + H;30* 
The acetic acid (CH;COOH) produced gives 
a vinegar flavor. 


EXEREGIS E29 

a) neutral 

b) acidic; NH,* + H,0 = NH, +. H,0° 
c) basic» Fy +- HO = HF + OH 

d) basic; HCO;° + H20 = H2CO, + OH™ 
e) neutral 


EXERCISE 30 
a) 0.1molf? b) 25mf c) 0.60 mol £7 
d) 2£ e) only one 
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ANSWERS TO SELF-TESTS 


CHAPTER loa SELEUiEST 
iy a) AB a H,O = H3;0* aie Br 
b) Ca(OH), = Ca** + 20H™ 


c) (i) NHs + H2O =NH,s* + OH (ii) COs7 + H,O = HCO; + Ollie 


d) HNO; + OH” = NO;° + H20 
e) Mg + 2HCI > Mg** + 2CI> + Hage) 


2, A Ole rsO 
or 
HO Obs = 7h20 


3. HCO; + H2S =H.2CO; + HS” 


a) HINO> +> Fe iINO> -- Gk 

b) HNO, + H,0 = NO, + H30* 
€) HeO* => FeO) 2 nik 

d) Adding (b) and (c) gives (a). 


5. HCO; + HSO, = H2CO; + SO," 
base acid acid base 


6. See Figure 1.13. 
7. a) base b) acid cy) acid d) base 
8. H-O }Ba {0-H > Ba* + 20H" 


O= + H* > CO,” + 2H" 


em INIA 4 teaqyente of Mqegy = Nidavagye ate Fula aay 
10. (b) is an acid-base reaction. 
11. a) true b) true c) false d) false e) false f) true 


CHAPTER 2: SELF-TEST 
1. a) strong electrolyte 

b) strong electrolyte 
c) very weak electrolyte 
d) weak electrolyte 
e) strong electrolyte e) strong acid 
f) weak electrolyte f) weak base 
g) strong electrolyte g) salt 
h) strong electrolyte h) salt 


2. a) salt 
b) strong base 
c) weak acid and weak base 
d) weak acid 


4. The strongest acid is H;O*: the strongest base is OH’. 
5, a) Cle ib) HSO 1c) ECOrzae ds HiPO©.ceee) Ns 
6. a) HBr b) HNO, c) HPO,.- d) H,O, e) H.SO, 


) completely ionized 
) completely ionized 
) slightly ionized 
) slightly ionized 
) completely ionized 


g) completely ionized 
h) completely ionized 


7. HCIO4, HNO2, CH3COOH, HCO; orc, b, a, d. 
CO. 2 CH.cOO” NO; Clo? 


9. a) true b) true c) false d) false e) true 


10. See Section 2.7. 


11. See Section 2.7. 


CHAPTER 3: SELF-TEST 


1. a) products b) reactants c) products d) reactants 


Ds H20 (1 = filiiceey a= OH K, = [H*] [OH] 
S. Bul tse Wer se is Oe 

dN) Was (Ors he Or 

Gyo One xl One 

ol) Boe Or = 2 Ss< Or 


CHAPTER 4: SELF-TEST 
1. pH = -logio[H*] 6. HB=H*+ B 
colorless blue 
2. pH=4 





3. [H*] = 10 mol £7 7. a) basic “b) acidic c) acidic 
Rash 24 Gee) Azo d) PbO t) Sn(OH)2 
Berl |= 3e2 x 103 mol £ 
CHAPTER 5: SELF-TEST 

22 Ke Sa = 10° mol £* 

2 Oks 2e 

4. K, = 1x 10% mol £* 

5. a) acidic b) basic c) basic d) neutral e) basic f) neutral 
CHAPTERS; SELF-TEST 


1. See Figure 6.1. 


d) basic 


2. Ka = 1x 10°? mol £7!. The equivalence point in a strong acid — strong base titration is at pH 7. The best 


indicator is the one that changes color near this value. 
3. 0.30 mol L* 
4. 48 ml 


5. See text. 
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MODULE REVIEW SELF-TEST 


ile 


2 
10. 


a) potassium iodide; salt — neutral f) acetic acid; weak acid 

b) perchloric acid; strong acid ; g) magnesium nitrite; salt — basic 
c) methylamine; weak base h) hydrogen cyanide; weak acid 
d) ammonium bromide; salt — acidic i) sodium carbonate; salt — basic 
e) strontium hydroxide; strong base j) sodium chloride; salt — neutral 
ay HOO. P Ore COn cag Or anen 


b) BafOH}s—y= Ba? aa ot ZON ices 
El HSOic, & OH gy = NSO HO 
HSO% ery © OF tags = 9087 on LOG 


HePOzj aa sr COS = HPO “an 4 KC Ose eazy 


Elements on the right (nonmetals) form acidic oxides. For example, SOs + H,O = H2SO4 
Elements on the left (metals) form basic oxides. For example, MgO + H.0 = Mg(OH), 


Reaction (b) will be more complete. HI is a stronger acid than HCOOH, S* is a stronger base than 
CH3;COO-. 


a) 2xOe ex 10S ae? By ralx Ox lx Ones O 


The indicator HB is a much stronger acid than HC. At pH 9, [OH7] = 1x 10° mol £7; at pH 3, 
[OH-] = 1x 10-* mol £71. The hydroxide ion concentration needed to change the color of HC isa 
million times greater than that needed to change the color of HB. 


a) The hydrogen in the carboxylic acid group ionizes because it is attached to a highly electronegative 
atom (oxygen). The electron-attracting power of this atom is increased by the closeness of the 
oxygen inthe C = O group. 

Hydroxide ions form only when the OH group is attached to an atom of low electronegativity, 
such as the metal in NaOH. 


b) 
H OH O Oa © 
| l Y | | Y, 
He Ge CC nO inl (=i =e reel 
| \ | | \ 
Hl OA OH AH OF 
acid base (lactate ion) acid 
base 
Cc) d) 0.0625 mol £7" 
HO OH Oo nt ni CO 
ie 1 fo 4 
He Ga GC se INO Se lel ac = C=C + H,O 
| | ‘ | | \ A. 
H H OH My Hy Oates 
sodium lactate 
e) f) phenolphthalein; 
A On a Ole colorless to pink 
aor YP ae Pp The solution 
H-C-C-C. +H,0 = H-C-C-C 40H wWillbe basic. 
We as Or 1 1 OH 
lal “tn fh A 
base acid acid base 
125 ml 


See Section 4.6. 
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Acetic Acid, structure of, 30 
Acetylsalicylic acid, 19 
Acid, 
conceptual definition of, 23 
ionization constantof, 72 
operational definition of, 17 
strong, 40,74 
weak, 40, 74 
Amide, 43,56 
Ammoniumion, 22 
Aqueous (aq), 28 
Amphoteric substances, 31, 67 
Arrhenius, 36 
Ascorbic acid, 19 
Aspirin, 19 


Baking powder, 93 

Baking soda, 91 

Base, 
conceptual definition of, 23 
ionization constant of, 74 
operational definition of, 19 
strong, 40 
weak, 40 

Blood, pHof, 98 

Brénsted,J.N., 36 

Buffers, 97 


Carbonated drinks, 92 

Carbonates, 91 

Carbon dioxide, laboratory preparation 
Chee JO 

Carboxylic acids, 30 

Chalk, 95 

Citrieacid, 19 

Combustion products, pH of, 66 

Common ioneffect, 22 

Competing acids, 53 

Concentration, determination of by 
titration, 88 


ae 


Conceptual definition, 23 

Conductivity, 17 
explanationof, 24 

Conjugate acids and bases, 43 


Diprotic acid, 87 


Electrolyte, 40 
Electronegativity, 27 
Equilibrium, 52 
Equivalence point, 82 
Ethanol, structure of, 30 


Fire extinguisher, 91 


Heartburn, 99 
Heat, 
of dilution, 89 
of neutralization, 89 
History of acid-base theories, 36 
Household acids and bases, 19 
Hydration, 27 
Hydrogenion, 22 
concentration of, instrong acids, 54 
concentration of, instrong bases, 55 
sizeof, 27 
Hydronium ion, 26 
Hydrolysis, 78 
Hydroxide ion, 24 
Hydroxylamine, 43 
Hypochlorous acid, structure of, 29 


incicaton s2onb2 
color change ranges of, 65 
effect of acids on, 947 
effect of baseson, 19 
endpoint, 76 
strength, 76 
universal, 65 

lonproduct, 54 


et? 


ar 
lonization, oe . ia 
congtant, 72 O67 
of water, 53 mre 
Ken 2 


ealeulation of, from pH, 73 
K.K,, value of, for conjugate pairs, 74 
K,, 74 
K,, 54 


Lactieacids >19 
LeChatelier, 54 
Leveling effect, 42 
Limestone, 95 
Limewater test, 94 
Lowry, 1.M., 36 


Marble, O5 
Metals, 
acidity of hydroxides of, 
effect Ofacids on, 26 
Middleman, 33 
Mole method, 88 


30, 67 


Net ionic equation, 34 
Neutralization, 33,82 
curve, 83 
of polyprotic acids, 87 


Nonmetal&{ acidity of hydroxides of, 30, 67 
Operational definition, 18 

Oxyacids, 47 

Periodic table, acid-base trends in, 30, 46 


om, Ee , 
calculation of, fromK,, 74 
fractional, 61 
of common substances, 61 


meter, 65 
Polyprotic acids, 87 
Proton, 22 

transfer, 22 


Vc reaction, 87 


Ranking of acid and base strengths, 45 
Redox'reaction, 26 


Salts, 34 
pH pf solutions of, 77 
Spectatorions, 34 
Spills, treatment of, 88 
Stalagtites, « 96 
Stalagmites, 96 
Strength, ‘ 
effect of structureon, 46 
of acids, 41 
of bases, 43 
of:conjugate pairs, 44 
Strong electrolyte, 40 
Stracture: 
of acids and bases, 29 
determination of, by titration, 90 
effect of, on acid-base strengths, 46 
Sulfucic acid, structure of, 29 


Tannicacid, 19 

Titration, 82 
strong acid-strong base, 82, 84 
weak acid-strong base, 86 


Water molecule, 

shape of, 26 

electrical charges in, 26 
Weak electrolyte, 40 
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